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INTRODUCTION 
The rates of electron transfer reactions between metal 
ions in solution have been widely studied (1-21) recently in 
efforts to understand the details of the mechanisms. Most 
oxidation-reduction reactions between metal ions in solution 
are believed to occur by one of two mechanisms: inner sphere 
or outer sphere. 
A mechanism in referred to ar an inner sphere electron 
transfer when the transfer of one or more electrons from one 
metal ion to another occurs by way of a bridging ligand that 
occupies the Inner coordination sphere of each metal ion 
during the transfer. 
Chloride ion Is shown as an example of a bridging ligand 
in the following diagram. The diagram refers to the reaction 
Cr 
NH 
CI 
Co 
NH 
between Cr(HpO)^^'^ and Co(NH-^) ^Cl^"*", shown to be chloride-
bridged by Taube and Myers (20). 
After completion of the electron transfer and dissocia­
tion of the activated complex, the bridging ligand will 
2 
remain bound to the least labile of the product metal Ions, 
for a time governed by the solvation rate characteristic of 
the particular complex ion. The classic proof of an inner 
sphere mechanism is the demonstration of transfer of the 
bridging llgand from one metal to the other. This proof is 
possible only when the relative labilities of the reactants 
are opposite those of the products, and when a method is 
available for identifying the more inert product before solva­
tion occurs. 
An example of this proof is provided by the work of 
Tâube and Myers (20), involving the reaction between Cr^"*" 
and Co(NH'^)^Cl^"*'. The Gr(II) reactant is labile and the 
Co(III) reactant is inert. The products were demonstrated 
to be inert CrCl^"*" and labile Co^"^. The chloride ion in the 
chromium(III) product was transferred directly from the Co 
(III) reactant; radioactive CI" in the reactant solution was 
not incorporated into the CrCl^"*" product (20). Radiotracer 
experiments are not necessary to show that llgands in reac­
tion products were transferred directly from the reactants; 
determination of the form of the rate law is sufficient to 
show how many llgand ions or molecules (except solvent) are 
in the activated complex. The ion or molecule transfer 
criterion has been used to show that a great many reactions 
occur by an inner sphere mechanism (for example, see refer­
ence 2). 
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Failure to demonstrate group transfer does not, however, 
eliminate the possibility of an Inner sphere mechanism. An 
Inner sphere reaction will not result In llgand transfer 
unless the relative labilities of the product Ions are oppo­
site those of the reactant ions. Even though llgand transfer 
may occur, It cannot be demonstrated unless both the reac­
tant and the product containing the bridging group can be 
identified and unless replacement of the bridging llgand by 
substitution on both the reactant and the product is negli­
gible during the oxidation-reduction reaction. Thus, inner 
sphere mechanisms can rarely be demonstrated by the llgand 
transfer method when both reactants or both products are 
labile. 
Indirect evidence often Invoked (1,2) for inner sphere 
mechanisms Is the variation In rate noted upon changing the 
llgands that are claimed to be bridging. The rates of inner 
sphere reactions are more dependent on the identity of the 
bridging ligands than outer sphere reactions are on the 
identity of nonbrldglng ligands; particularly, the rates 
noted for N-^" bridged reactions are normally considerably 
greater (1) than the rates for NGS~ bridged reactions that 
are otherwise identical. Other Indirect evidence that has 
been used to establish mechanisms has been obtained from 
variations In entropies of activation (2,22,23,24),volume s of 
activation (25), isotope effects on reaction rates (26,2?) 
and nonbrldglng llgand effects (9,28), 
k 
k mechanism Is referred to as outer sphere when the 
transfer of one or more electrons from one metal Ion to 
another occurs vrlthout occupation of the Inner coordination 
sphere of both Ions by a common llgand. Outer sphere mech­
anisms necessarily occur In reactions involving Inert metal 
complexes that do not contain llgands capable of acting as 
electron transfer bridges. For example, reactions of 
Ru(NH-^(21) could not occur by an Inner sphere mechanism. 
Outer sphere mechanisms can also occur in reactions not in­
volving their clear requirement. Indirect evidence often 
invoked (1,2) for outer sphere mechanisms is the small 
dependence of the rate on the identity of llgands bound to 
the reactants, particularly the llgands and NCS~, as 
well as the effects mentioned In connection with Inner sphere 
mechanisms, 
Theoretical prediction of rate constants for electron 
transfer reactions in solution is difficult ; a rigorous 
treatment would require consideration of solvent and llgand 
reorganizations, electrostatic factors, electronic inter­
actions between the reacting species, electron transfer 
propertiec of llgands, and free energy changes. Marcus (1, 
29) has developed a simplified theory, for application to 
outer sphere reactions, in which the electron transfer rates 
are related to the free energy of reaction. More recently, 
attempts have also been made to apply the Marcus relation 
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(1,17) to Inner sphere reactions as well. Application of 
this theory will be made later in this paper. 
The rate of electron transfer between europium(II) and 
Iron(IIl) has not been previously measured. In view of 
recent attempts (1-21) to understand the details of the 
mechanisms of electron transfer reactions of metal complexes, 
data on new systems are especially useful. 
Europiumdl) reactions have not been widely studied 
although measurements have been made on the Eu(II)-Bu(III) 
exchange reaction (18), on the reduction of several cobalt-
(III) complexes (14), and on the reduction of and Cr^"*" 
(10). An earlier attempt (30) to study the rate of the rapid 
Eu^'^'-Fe^'^ reaction was not successful. 
The extent to which reactions of Eu should parallel 
those of the first-row transition metal ions Is not clear, 
especially since the electron to be transferred is an f and 
not a d electron. 
Chromium(II) reactions have been studied intensively (1, 
3); in particular, studies of Cr^"*" reductions of Iron(III) 
and its complexes have been reported (13,l6). 
The studies to be described here are a series of meas­
urements of the rate of reduction of Fe(III) by Eu(II) and 
Cr(II); the measurements were done in perchlorate media, and 
also in the presence of the complexing anions F~, CI", Br", 
N3", NCO", and MCS". 
6 
Some Information is available for other iron(III) reduc­
tions, notably by (6) and Fe^"*" (19), as well as by the 
previously mentioned Cr^+. A feature of major Interest in 
this work is a comparison of the reactivity patterns exhib­
ited by various reducing agents toward Fe(III) complexes, 
with the patterns of the same reducing agents toward other 
complexes» 
The rates of substitution of the complexlng anions on 
Iron(IIÏ) vjar. needed for treatment of the kinetic data 
obtained here for the oxidation-reduction reactions. These 
rates were generally available from the literature, but they 
were measured in this study for the anions and Br". 
Although these anions had received some attention previously 
(31-37)f more extensive measurements in this study provided 
more accurate rate and equilibrium parameters. 
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EXPERIMENTAL SECTION 
Reagents 
Hydrated iron(III) perchlorate was prepared from solu­
tions of the chloride in perchloric acid, by heating to remove 
HCl. After the solution failed to produce a visible precipi­
tate in a test with silver ion, two successive crystalliza­
tions were done. Iron(III) perchlorate solutions were 
analyzed by reduction with tln(II), destruction of sxcsss 
tin(II) with mercury(II), (or by reduction with amalgamated 
zinc) and titration of iron(II) with ceriura(IV), to the dis­
appearance of the orange ferroin indicator. The cerlum(IV) 
was standardized by titration of weighed samples of dried 
primary standard arsenlc(III) oxide to the ferroin endpolnt. 
Iron(III) perchlorate solutions were also analyzed spectro-
photometrlcally in 0.3-0.6M perchloric acid using the peak of 
aquoiron(III) at 2400A with a molar absorptivity of 4230 M~^ 
cm"^. The perchloric acid content of the iron(III) solutions 
was determined by passing samples through columns of Dowex 
50W-X8 cation exchange resin in the hydrogen ion form and 
titrating the washings with sodium hydroxide. The hydrogen 
Ion concentration was calculated from the base In excess of 
that required for the three moles of hydrogen Ion displaced 
per mole of iron(III). 
Europlum(III) perchlorate solutions were prepared by dis­
solving europlumdil) oxide in perchloric acid, followed by 
8 
electrolytic reduction to europlum(II) at a mercury cathode. 
The concentration of chloride In freshly prepared and In 
stored europlum{II) solutions was at or below the limit of 
visual detection (< 6x10"^ M) in a test with silver ion, 
Europlum(II) solutions were stored and handled in an atmos­
phere of cylinder nitrogen from which traces of oxygen had 
been scrubbed by bubbling through chromlum(II) solutions. 
Europlum(II) solutions were kept in pyrex bottles with self-
sealing rubber caps, under a positive pressure, Europium(II) 
solutions were analyzed by oxidation with a small excess of 
pentaammlnechlorocobalt(III); the cobalt(II) produced was 
analyzed spectrophotometrlcally in a solution 1.3M in thio-
cyanate and 50 volume percent acetone. The absorbance of the 
solution was measured at 623OA, a wavelength of maximum 
absorption; the molar absorptivity is 1842 M'^cm"^. 
Chromlum(II) perchlorate solutions were prepared by dis­
solving high-purity chromium metal in perchloric acid or by 
reduction of chromlum(III) in perchloric acid with zinc 
amalgam. The preparation of chromlum(III) perchlorate by 
reduction of chromium(VI) has been described (38). Chromium 
(II) analyses were done in the same way as europium(II) anal­
yses. 
Reagent grade hydrofluoric, hydrochloric, perchloric, 
and hydrobromlc acids were used without further purification. 
These acids were analyzed by titration with sodium hydroxide 
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to a phenolphthaleln endpolnt. 
Sodium thlocyanate, sodium azlde, lithium chloride, and 
lithium perchlorate were each prepared by dissolution of the 
salt in water, followed by filtration and two successive 
recrystallizations. Lithium and sodium perchlorates were also 
made by reaction of the reagent grade carbonates with per­
chloric acid, followed by two crystallizations. Each of these 
salts except sodium azide was analyzed by replacing the metal 
ions with protons from acid form Dowex 50-W cation exchange 
resin and titrating with sodium hydroxide. Sodium azide was 
used directly In some experiments but was converted to HN^ in 
experiments at low acidity, to avoid undertalnty in [H^]. 
Hydrazoic acid solutions were prepared from the sodium salt 
by ion exchange (32). Azide solutions were analyzed by oxida­
tion with cerlum(IV) and titration of excess cerlum(IV) with 
iron(II). Hydrazoic acid solutions were also analyzed by 
direct titration with sodium hydroxide, to check complete­
ness of ion exchange. A sodium flame test was used as a more 
severe completeness check; no sodium was detected by either 
method in hydrazoic acid solutions. 
A stock solution of lithium thlocyanate was prepared 
from sodium thlocyanate by ion exchange. A flame test re­
vealed some sodium ions remaining after the exchange pro­
cedure. The lithium thlocyanate solution was analyzed in the 
came way a? sodium thlocyanate solutions. 
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Reagent grade potassium cyanate was dried at 65®, stored 
In a desiccator, and measured by weighing. Solutions of NCO" 
or HNCO could not be stored or accurately analyzed due to the 
hydrolysis of HNCO to form CO2 and (39). A sodium 
cyanate solution was made by adding silver cyanate crystals 
to an analyzed solution of sodium chloride at ca,0°, Silver 
chloride and excess silver cyanate were removed by filtration; 
the number of moles of sodium cyanate In the solution was 
taken as the number of moles of sodium chloride present Initi­
ally, The silver cyanate crystals were made by adding recrys-
talllzed reagent grade silver nitrate to a solution made from 
recrystalllzed reagent grade urea, and heating to 70-90°. 
Sodium cyanate was also prepared by titration of a weighed 
sample of the potassium salt with sodium perchlorate at ca. 
0°, until additional perchlorate failed to precipitate 
potassium perchlorate. Potassium perchlorate was removed 
by filtration. 
Sodium hydroxide solutions used for acid analyses were 
made from reagent grade pellets and standardized with dried 
potassium hydrogen phthalate. 
The water used in most experiments was redistilled from 
alkaline permanganate in a tin-lined Barnstead still. Labora­
tory distilled water was used for a few kinetic studies; this 
change in source of water did not change the measured rate 
constants. 
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Equipment 
Most of the kinetic measurements were made by a stopped-
flow technique. The stopped-flow apparatus was based on the 
design of Dulz and Sutin (1?). A diagram of the apparatus is 
given In Figure 1. Mixing was accomplished by causing a 
motor-driven block (with slip clutch) to push the plungers 
of two reactant syringes, forcing reagents through an elght-
jst Teflon mixing chambcr into s 2 or 3^Eia ID quartz observa-
tlon tube, and finally Into a stopping syringe. As a measure 
of mixing effectiveness, reaction between .OlM p-nitrophenol 
and .OlM sodium hydroxide (4o) was complete in the time 
required for the solution to reach the observation point (3-5 
msec). The most efficient mixing was obtained when the two 
solutions had approximately equal densities, a condition 
satisfactorily obtained by preventing large ionic strength 
disparities in the two solutions. 
The changing transmittance of the solution in the obser­
vation tube was observed spectrophotometrlcally. A Beckman 
Model DU monochromator was used, A tungsten lamp operated by 
three 6-V storage batteries wired in parallel with a conven­
tional battery charger was used initially; later a quartz 
iodide lamp (General Electric 1959) operated by a Sorensen 
(QRC 40-8A) power supply and a deuterium lamp operated by a 
Beckman Model 2965 hydrogen lamp power supply were used. The 
light intensity was monitored by an EMI 6256 B photomultipller 
12 
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tube (PMT), biased by a continuously variable 0-1000 V, 0-20 
ma, regulated power supply (Kepco No. ABC lOOOM). The mono-
chromator slit was opened to 2.0 mm; the resulting high light 
level permitted the bias voltage to be kept low, thus mini­
mizing noise. 
The signal from the photomultlplier provided the A Input 
of a Tektronix 535A or Tektronix 5^4 oscilloscope, via an 
amplifying and smoothing circuit (4l). A constant balancing 
potential was connected to the B Input of the oscilloscope, 
and the difference (A-B) was amplified. The balancing 
potential permitted amplification of changes as small as 6 mv 
to the full vertical scale of the oscilloscope. A triggering 
circuit initiated a single oscilloscope trace sweep at the 
instant mixed solution filled the stopping syringe, and a 
second sweep could be provided manually. The oscilloscope 
traces were recorded with a Polaroid camera. The time scale 
of the oscilloscope was checked with a time mark generator, 
Tektronix Model l8l. The vertical displacement of the trace 
represents the transmittance change. Provided the absorbance 
change is limited to less than ca. 0.1, absorbance and trans-
mittance are proportional, and the trace may be treated as a 
concentrâtion-time curve. 
Temperature control in the stopped-flow apparatus was 
maintained by a constant temperature water bath, with water 
circulating through a system of jackets. The reactant 
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syringes and the mixing chamber were jacketed, and the reac-
tant flasks were immersed in the bath. Reactions occurring 
at temperatures 10° or more removed from room temperature were 
not assumed to occur at the temperature of the water baths 
the temperature of solution leaving the observation tube waS 
measured by thermometer or thermistor. 
Stopped-Plow Experiments 
A typical stopped-flow experiment with an alr-oxldlzable 
reagent was done In the following way. Each of the two 
reactant solutions was prepared complete but for the air-
sensitive reagent, and positioned in the water bath. Each 
reactant flask contained a glass tube with a male ground glass 
taper for attachment to the corresponding female taper point­
ing downward from the 3-way stopcock (see Figure 1), Each 
reactant flask contained a second glass tube for introduction 
of deoxygenated N2, The top of each flask was covered with 
Parafllm and N2 was bubbled vigorously for 20-30 minutes. 
After the bubbling period, the air sensitive reagent was added 
to the appropriate reactant flask from a syringe with a long 
needle. The reactant solutions were drawn Into the stopped-
flow reactant syringes by causing the motor to pull the mov­
able block (see Figure 1) backward. Air Initially in the 
pathways from reactant flasks to reactant syringes was pre­
vented from entering the syringes by drawing air only to the 
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syringe tips, changing the 3-way stopcocks and forcing the 
air through the mixing chamber, again changing the stopcocks, 
drawing in more air, and continuing in a cyclic process until 
the air was removed. The reactant syringes were partially 
filled and emptied three times before data were recorded» The 
monochromator was set to provide light of the desired wave­
length, the photomultipller voltage and oscilloscope sensi­
tivity were adjusted to give a deflection change suitable for 
photographing, an appropriate trigger adjustment was made (see 
Figure 1) and the stopped-flow sequence (described above) was 
carried out. Pour or five duplicate photographs were made for 
each set Of solutions. Immediately after the last photograph, 
the air sensitive reagent was sampled (using a syringe with a 
long Teflon needle) for analysis for Cr^* or Eu2+, 
A Gary Model 14 recording spectrophotometer with a thermo-
stated cell compartment was used for equilibrium absorbance 
measurements, recording of spectra, spectrophotometrlc anal­
yses, and some kinetics experiments. 
Substitution Kinetics Experiments 
All experiments were done at l.OM ionic strength, main­
tained with LiClO^ unless otherwise noted. Experiments were 
done measuring the rate at which ligands (X) coordinate to 
Fe(H20)6^*' leave Pe(H20)^x2+| where X was N3, CI, Br, NCS, 
or NCO. The most complete study was done with the llgand 
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X = N^, The stopped-flow apparatus was used to make two basic 
observations (In experiments to be called formation, or dilu­
tion); in formation experiments the separate reagents Pe^* and 
HN^ were mixed and the subsequent absorbance increase (at or 
near 4600A) due to the formation of PeN^2+ was observed (31). 
Dilution experiments were done by mixing an equilibrium solu­
tion of PeN^2+^ Pe3+, and HN^ with HCIO^ solution; the subse­
quent absorbance decrease at 4600A was observed. Since the 
initial concentration of PeN^2+ was above its equilibrium 
value in dilution experiments, these experiments resulted in 
observable absorbance changes at concentrations of Fe(III) 
and considerably below the limit In formation experiments. 
Formation experiments involving two different types of 
concentration choices were done. One set of concentrations 
was chosen so that the small equilibrium concentration of 
PeN^Z* appreciably affected the concentrations of neither Pe^ 
nor HN^. As will be shown later, these experiments provided 
only aquation rate data, despite the fact that net complexa-
tion was occurring. The other set of concentrations was 
chosen so that the equilibrium concentration of FeN^Z* was 
large relative to the total limiting reagent concentration 
(e.g., either Fe3+ or HNt was present in large excess). Low 
hydrogen ion concentrations were chosen for these experiments, 
again to facilitate complexatlon. These experiments provided 
both aquation and complexatlon rate data. 
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Dilution experiments Involving the corresponding con­
centration choices provided rate data that had the same 
significance as data from formation experiments, despite the 
different direction of net reaction In the two Instances, 
Values of the ordinate were read from the photographed 
oscilloscope trace In arbitrary units proportional to the 
output voltage V of the photomultlpller follower, and pro­
portional to transmittance change, to absorbance change, and 
to concentration change (see above). First-order rate con­
stants were calculated from slopes of conventional plots of 
log V^-Voo vs. time, or from plots (based on the method of 
Guggenheim (42) ) of log vs. time. 
Limited stopped-flow measurements were made for substi­
tution reactions involving the llgands CI, Br and SON. The 
techniques and concentration choices employed for these 
llgands were chosen from those described above for the studies 
on azidoiron(III) ion. 
Some conventional spectrophotometrlc kinetic measurements 
were made for substitution reactions involving the llgand NCO~. 
These experiments were not in principle different from the 
stopped-flow substitution experiments. Both formation and 
dilution experiments were done (using NaNCO from each of the 
preparations described above) and concentrations were chosen 
so that much of the HNCO would be complexed at equilibrium, 
in order to obtain both complexation and aquation rate data. 
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The instability of HNCO in water required special techniques; 
the NaNCO was prepared Just before use and was added to acid-
containing solutions only a few seconds before each experi­
ment was to begin (acid catalyzes the decomposition of HNCO 
(39) ). The absorbance-time traces recorded for the reactions 
did not appear first-order; in all experiments a slow absorb-
ance decrease occurred after the rapid initial change was 
complete. The slow decrease was attributed to decomposition 
of HNCO. After each absorbance-time trace was corrected for 
the slow decrease, assumed to be uniform and occurring from 
the start of the experiment, satisfactory first order plots 
were obtained. 
Aquolon Oxidation-Reduction Experiments 
The reduction of Fe(III) by Eu(II) and by Cr(II) was 
studied in the absence of anions other than perchlorate. All 
rate measurements on these rapid reactions were accomplished 
by the stopped-flow technique, A fresh dilution of the reac-
tants was used for successive kinetic experiments in order to 
vary the reactant concentrations. Since these concentrations 
ranged as low as 5x10"^ m, it was deemed necessary to sample 
each reductant solution (generally in triplicate) directly in 
the stopped-flow reactant flask at the conclusion of the rate 
measurements. In some Eu^ reductions sampling was also done 
at the start of the measurements, but the decrease in [Eu^*] 
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was so slight that this double analysis was eventually aban­
doned. 
Reactions were initiated by mixing the solution contain­
ing iron(III) with the solution containing europium(II) or 
chromlum(II). The europiuin(II) reductions were studies at 
wavelengths where absorption was due mainly to Eu^* (4000-
3200S) as well as at wavelengths where both reactants absorb­
ed (2700-2400A). The chromium reductions were studied at 
wavelengths where absorption was primarily due to iron(III) 
(26OO-2400A), Molar absorptiylties of reactants (those of 
the products are negligible in there experiments) are as 
follows at the wavelength of Interest: Fe^+, X = 4000-240OA 
(e = 0-4230); Eu^*, \ =, 4000-24C0A (e = 75-I6OO), with maxima 
at 3200 (e = 640) and about 2500S (e = I7OO). 
Anion Catalysis of Oxidation-Reduction Reactions 
Iron(III) species were reduced by europium(II) and by 
chromium(II) species in the presence of the following ions or 
their acids; F~, CI", Br", NCS", and NCO", The cataly­
tic effects of these ions were observed in two types of ex­
periments. In one type of experiment the Ions X" were con­
tained In the Fe(III) reactant prior to mixing; second order 
reactions Eqs 1, 2 were observable in these experiments. In 
the other type of catalysis the ions X~ were contained in the 
Cr(II) or Eu(II) reactant prior to mixing; third order 
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reactions Eqs 3,^ were observable in these experiments. 
Fex2+ + EU2+ = Fe2+ + Eu3+ + X~ (1) 
. PeX2+ + Cr2+ = Pe2+ + Crx2+ (2) 
Pe3+ + X~ -f Eu2+ Fe2+ 4- Eu3+ + X' (3) 
Pe3+ + X- + Cr2+ = Pe?* + Crx2+ (4) 
The third order reactions were not observed for the basic 
ions P". No", or NCO"". Treatment of reactions Ea 1.2 as 
second order processes implies the assumption that reduction 
of Pe3* as well as substitution equilibria are slow relative 
to reduction of PeX^"*". These assumptions are held to be 
valid in the experiments reported here, except for the Eu 
reduction of PeBr^*; evidence supporting these contentions 
will be presented later. 
Two reductions of the inner-sphere Pex2+ complexes were 
too fast for direct measurement by the stopped-flow technique 
described above. These reactions were the Eu2+ reduction of 
Pep2+ and the Cr^^ reduction of PeBr^*. A competition method 
was used to obtain kp for the reaction of Eu^* and Pep2+. 
A solution containing both the complexes PeP^* and FeN^2+ 
was prepared, and it was reacted with Eu^"*", Azidoiron(III) 
was chosen because (a) its rate of reaction with Eu^*, com­
pared to the Eu2+-Pep2+ rate, was suitable for partial 
reduction of each complex and (b) PeN^2+ absorbs intensely 
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( ~ '•••ÔOOA, e = 4400 M-lom-1). The experiment was de­
signed to measure the residual PeN^^'*' immediately after 
complete oxidation of Eu2+, compared to Its starting concen­
tration. 
Product Analysis 
The 2+ charged chromium products of the Cr^"*" reductions 
of PeP^^ and PeBr^"*" were separated from Iron species and from 
CrfHgO)^^^ by a cation exchange technique. A chromlum(II) 
solution was mixed with an excess of FeX^"*' using the stopped-
flow mixing chamber (slow addition of Cr^* to a stirred Iron 
(III) solution did not provide adequate mixing). The material 
collected after mixing was treated with H2O2 to oxidize Pe2+, 
diluted to an Ionic strength of less than 0.3, and passed 
through a 15-25 cm column of Dowex 5OW-X8 cation exchange 
resin In the hydrogen Ion form. The 2+ ions were eluted from 
the resin with 1 M HCIO^; the visible spectrum was recorded 
and total Cr was determined by the alkaline chromate method 
(43). The separation technique was checked by separating 
known quantities of Independently prepared CrX^* from iron 
(III) solutions; recovery generally exceeded 96#, independent 
of the presence of Cr^*, Pe2+, and Pe^*. 
The ion exchange separation was also used to evaluate 
Qgr = [PeBr^"*"J/[Pe5'*'J[Br"']. An excess of Cr^"*" was mixed with 
a solution of PeBr^*; the concentration of CrBr^* in the 
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resulting solution was used to calculate after making 
appropriate corrections as discussed In a later section. 
The absorbances of equilibrium mixtures of Fe3+, HN3, 
and PeN^Z^ were measured to determine 
[Pe^'^jl^HN^], The absorbances were measured at 4600A, the 
wavelength of maximum absorbance for PeN^^*; other species 
did not absorb at ^600-?. These measurements were done under 
conditions of excess HN^ (0,01-0,IP, with 10=^ M Fe(III) in 
0,05 M acid) and under conditions of excess Pe^* (0.01-0.07F, 
with lO'^PHN^ in 0,05 and 0,1 M H*). The experiments in 
excess were similar to those reported earlier (32), Simi­
lar measurements were made for the Pe^*, Br", PeBr^* system, 
at 4050A. 
The absorbances of equilibrium mixtures of Pe3+, PeP^"*", 
FeN^2+, HP, and HN3 were measured at 4600A, where PeN^^* was 
the only absorbing species. The value of Qp = [Pep2+][H*]/ 
[Pe^^][HP] was calculated from these measurements by a method 
described in the results section. 
Approximate values of the equilibrium constants for form­
ation of PeNCS^"*" and PeN^^* at various temperatures were 
determined from values known at one temperature, assuming the 
molar absorptivity of the complex is In&ependent of tempera­
ture , 
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RESULTS 
Azldolrondll ) Substitution and Equilibrium Properties 
Rate law 
The net equation describing the equilibrium among the 
species Fe3+, and FeN^^* in acidic aqueous solution is 
PetHgOia^* + HN3 = (H20)5PeN32+ + + HgO. ( 5 ) 
A study of the rate of the reverse of Eq 5 (aquation) at 25° 
has been reported by Seewald and Sutln (31). Using available 
equilibrium data (32,3l), Seewald and Sutln computed rate 
constants for the forward (coraplexatlon) reaction. The 
present work extended the earlier studies on PeN^Z* and pro­
vided the following results: (1) a direct measure of the rate 
of complexatlon, (2) a study of the temperature dependence of 
the aquation rate constants, (3) a study of the rate of 
approach to equilibrium from both sides, and (4) a kinetic^ 
check on the equilibrium quotient for reaction 5. 
The hydrogen ion concentration was large relative to the 
amount of chemical change in every experiment designed to 
measure the rate of approach to equilibrium by reaction 5 • 
As a working hypothesis, the rate law in Eq 6 was assumed, 
d[PeN]2+]/dt = k^[Pe>][HN3] - ( 6 ) 
in terms of the species predominant at the acidities under 
consideration (e.g. .01-.98 M H*). 
The rate constants in Eq 6 are pseudo-constants depend­
ent upon [Ht], both because of the form of the net reaction 
2^ 
(Eq 5 ) and because the aquation mechanism consists of parallel 
paths with different numbers of protons in the activated com­
plexes (31). If Eq 6 is valid at a particular acidity, then 
an expression for the observed rate can be derived in the 
following manner. 
[Pe3+] = [Fe>]e, + [ ] 
[HN)] = - [PeN32+]  
[PeNjZt] . - I  [FeN32+]gq - [PeNj^+j] + 
d \ [FeN3 [PeHj ] j ^ k;[Pe>]^^[HN3]^,+k; ([PeN32+J,q 
+ [HM)],,]' + kj ([PeN32+]eq 
- [FeN32+]j ^  + kajif»N32+],q.[PeN32+]} - k^^CPeN^-^ . 
But, from the equilibrium condition, lCf[Fe5"^]gq[HN^]^^ = 
k^q[FeN^2"'"]eqi and under some concentration conditions, in­
cluding all those employed here, kf ^ [FeN^^"^]Qq-[FeN52+]J 2 
negligible; thus, the expression simplifies to Eq 7 . 
( 7 ) 
The working hypothesis, by way of Eq 7 , thus permits the 
following deductions, each amenable to experimental checking: 
(1) the rate of approach to equilibrium will follow pseudo-
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first-order kinetics, (2) the pseudo-first-order rate constant 
for approach to equilibrium will be ^[Fe3+]gq + j 
+ k^g, (3) in experiments (either formation or dilution) where 
the sum [Fe^+Jg^ + [HN^lgq is very small (which are also 
experiments in which neither reactant is complexed signifi­
cantly at equilibrium), the observed rate constant for approach 
to equilibrium will be k^q, and (4) in experiments with high 
[HN^]gq or where an appreciable fraction of the 
limiting reagent is complexed, each term in the pseudo-first-
order rate constant indicated in Eq ? will contribute apprec­
iably to the observed rate constant, permitting evaluation of 
both k^q and kf. 
Point (1) above was verified in a series of rate measure­
ments in solutions containing 0.44-M ; the rate of approach 
to equilibrium did indeed follow first order kinetics. The 
observed rate constant was the same in formation as in dilu­
tion experiments. The results of the experiments are pre­
sented in Table 1; typical stopped-flow transmlttance-tlme 
curves from experiments leading to the seventh and ninth 
entries in Table 1 are shown in Figure 2 . The curves shown 
In Figure 2 are the basis for the first-order Guggenheim (42) 
plots shown In Figure 3 . All the first order rate constants 
measured in this study were evaluated from the slope of 
Guggenheim plots, as in Figure 3 , or from the slope of plots 
of D-D«, vs time (where D represents deflection, or absorbance, 
Figure 2. Typical stopped-flow transmlttance-tlme plots 
for approach to equilibrium by azldolron(lll) 
solutions. The upper plot Is from one of the 
formation experiments leading to the seventh 
entry In Table 1. The lower plot Is from one 
of the dilution experiments leading to the ninth 
entry. The time scale In both plots Is 50 msec 
per major division 
Absorbance 
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^^DILUTION , T =60 msec , =23.3 sec 
V 
formation; T =60 msec, 
kobsd =23.7 sec 
24 48 72 96 120 144 168 
msec 
Figure 3. First-order Guggenheim plots, for approach to 
equilibrium by azidoiron(III) solutions, 
obtained from Figure 2 
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In arbitrary units). 
Table 1. Aquation rate of azldolron(III) at 0.44M 25.0®, 
l.OOM Ionic strength 
Expt. 
No, 
103[Pe3+] 
M 
lO^CHN^] 
M 
Type® kobsd 
sec-1 
kàq(cor)® 
sec-1 
1 0.10 4.00 Dilution 22.0 21.9 
2 0.30 0.30 Dilution 24.1 23.9 
3 0.90 3.00 Formation 22.5 22.4 
4 2.00 1.50 Formation 23.2 23.1b 
5 2.00 8.00 Formation 22.3 22.0 
Ô 2.00 15.0 Formation 23.8 23.4 
7 3.38 3.00 Formation 23.3 23.1 
8 3.38 3.00 Formation 22.9 22.8b 
9 3.38 3.00 Dilution 23.7 23.60 
10 4.00 0.10 Dilution 24.4 24.3 
11 4.00 1.80 Formation 23.5 23.3 
12 6.00 6.00 Formation 23.3 23.0 
13 8.00 0.75 Formation 22.9 22.7 
14 10.0 3.00 Formation 23.6 23.2, 
15 10.0 3.00 Formation 22.9 22.6% 
16 10.0 15.0 Formation 24.4 23.8* 
17 10.0 15.0 Formation 23.8 23.2® 
®See text; X = i|-600A unless noted otherwise. 
^Sodium perchlorate rather than lithium perchlorate was 
used to maintain Ionic strength. 
= 4200A. 
= 3950A. 
®x = 6000A. 
The Initial concentration ranges described In Table 1 
are 1.00xl0~^-l,00xl0~^M Fe(III), a 100-fold variation, and 
1.00x10*^-1.50x10*2# HN^, a 150-fold variation. The constancy 
of the observed rate constant over this entire range of reac-
tant concentrations confirmed point (4) above (e.g. the 
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observed rate constant was not expected to be sensitive to 
the sum [Pe^*]^^ + when that sum was small). These 
results also confirmed the earlier report (31) that the 
observed rate constant was first order and Independent of 
[Pe^] and [HN^] over an extended range of concentrations. 
Even though the contribution to k^bsd froB the kf term 
in Eq 7 is small, it can be estimated from the measured 
value and from previously reported (32,33) measurements of 
^ CFeN,2+][H+] 
''"3 ° [PeS+lCHN,] 
The expression kf = follows from the form of Eq 
6 and of the quotient Qfj^* Values of the expression 
kf ^[Pe3*]gq + were calculated for each experiment; 
though these values were small they were subtracted from kg^g^ 
to give the values labeled k' (cor) in Table 1 (and in Table 
aq 
2). The correction was only 3% of ^obsd the highest value 
of [PeN^^^jgq + studied (0.026M) at 0.44M fT*" and was 
within the experimental error, although the correction was 
more Important when applied to experiments at lower 
Hydrogen ion and temperature variations 
The acid dependence of the rate constant k^^ was reported 
by Seewald and Sutin (3I) to be of the form given by Eq 8 
with k2aq = 19.0 + 1.4 sec"^ and k^^^ = 7.0 + 1.4M~^sec"^ at 
^aq = ^2aq (8) 
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25.0® and I = l.OOM (NaClO^). Experiments done in connection 
with this work, covering the range O.OI-O.98M H"*" led to the 
same acid dependence, with = 20.0 + 0.9 sec"^ and 
klaq = 5.1 ± 1.3M"^sec"^ at 25.0° and I = l.OOM (LiClO^); see 
Figure k and Tables 2 and 3. Systematic differences exist 
between the results of this work and those of the previous 
work (31), but the differences are within the variation one 
might expect between Na"^ and Ll"^ media ( 9 ). The uncertain­
ties associated with the Individual parameters suggest,how­
ever, that the results of the two studies are not greatly 
different. 
Rate measurements as a function of [H"*"] were also made at 
15.Ô and 34.2° in order to obtain the temperature dependences 
of kg^q and k^g^; the results are described in Figure 4 and 
Tables 2 and 3. The corrected aquation rate constants (the 
value = 2.03 kcal/mole for Eq 5 (32), together with 
observed k^^ values, was used In the calculation of kf at 
15.8 and 34.2°) were fitted to Eq 8 . assuming the absolute 
rate theory expression 9, with K = 1, holds for each rate 
k = M (RT/Nh)exp( AS*/R - AH*/RT) (9) 
constant. This fit of [H*] and temperature dependence was 
carried out simultaneously using a non-linear least-squares 
computer program (44). Each rate constant was weighted 
according to the square of its reciprocal because the per 
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0 .2 A .6 .8 1.0 
Figure Temperature and [H'*"] dependence of k'. The points 
represent measured Information. The solid lines 
are the computer-calculated best fit to the points. 
The dashed line represents the data of Seewald and 
Sutln (31) 
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cent uncertainty In a given measurement was roughly con­
stant. Of the 252 individual rate constants, 25 had values 
fkobsd(Gor) - kcalcl/kobadfoor) greater than 0.1; these were 
not Included in a second computation, and are not reflected 
in Tables 2 and 3. The activation parameters, with standard 
deviations calculated by the program are listed in Table 3. 
Competing equilibria 
The competing equilibria described by Eq 10 and 11 
change the molarities of and Fe^* from their formal values. 
Fe3+ + H2O = PeOH2+ + (10) 
2Pe3+ + 2H2O = Fe(0H)2Fe^ + 2H'*' (11) 
These equilibria are important in calculating [Fe^*] and [H"*"] 
in both kinetic and equilibrium studies at high iron(III) con­
centrations. The equilibrium quotients for reactions 10 and 
11 are: = 1.65X10-3M, = (1.9+0.6)X10-3M (45) at 25.0° 
and unit ionic strength. Agreement among the several kinetic 
measurements and between kinetic and equilibrium measurements 
led to selection of the value = 2.4xlO"3M; this is within 
the reported (45) range of values for 
Formation rate constants 
As described earlier and as implied by Eq 7 , it was 
possible to do experiments (both of the formation and of the 
dilution type) in which the sum [Fe3*]gq + [HN^leq was made 
large and to measure rate constants that contained an apprec­
iable contribution. Equation 7 suggests that a plot of 
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Table 2. Aquation rate of azldolron(III) as a function of 
hydrogen Ion concentration and temperature 
Expt. Temp. [H+] lo3[Fe3+] lo3[HNi] kobsd kàq(oof)* 
No. °C M M M sec-l sec'l 
1 15.8 0.10 1.00 4.00 9.46 9.26 
2 15.8 0.10 2.00 2.00 8.73 8.57 
3 15.8 0.20 5.00 2.00 9.08 8.94 
k 15.8 0.20 3.00 3.00 9.22 9.08 
5 15.8 0.30 1.00 9.00 9.70 9.56 
6 15.8 0.40 2.00 4.50 9.23 9.16 
7 IS.8 0.50 10,0 3,00 9,60 9:49 
6 15.8 0.60 6.00 3.00 10.04 9,98 
9 15.8 0.60 2.00 9.00 9.29 9.21 
10 15.8 0.70 3.00 6.00 10.1 10.0 
11 15.8 0.80 10.0 4.00 10.0 9.92 
12 15.8 0.80 6,00 10.0 10.3 10.2 
13 15.8 0.90 9.00 8.00 10.4 10.3 
14 15.8 0.90 10.0 7.0 10.3 10.2 
15 25.0 0.01 0.375 2.40 22.1 19.3 
16 25.0 0.01 2.40 0.750 22.3 19.2 
17 25.0 0.01 0.800 0.375 21.5 20.3 
18 25.0 0.05 1.00 3.00 21.7 20.9 
19 25.0 0.05 3.00 1.00 21.2 20.4 
20 25.0 0.05 0.900 5.00 21.9 20.7 
21 25.0 0.10 2.00 4.00 21.3 20.7 
22 25.0 0.10 4.00 2.00 22.1 21.5 
23 25.0 0.10 1.00 8.00 21.6 20.7 
24 25.0 0.20 1.50 10.0 22.1 21.5 
25 25.0 0.20 10.0 1.50 21.8 21.2 
26 25.0 0.20 5.00 3.00 21.8 21.4 
27 25.0 0.32 1.00 9.40 22.6 22.2 
28 25.0 0.32 9.40 1.00 21.7 21.4 
29 25.0 0.32 3.00 - 3.00 21.6 21.4 
30 25.0 0.43 0.100 4.00 22.0 21.9 
31 25.0 0.43 4.00 0.100 23.3 23.2 
32 25.0 0.43 0.300 0.300 24.1 23.9^ 
25.0 0.44 23.0% 
33 25.0 0.60 2.00 15.00 23.6 23.3 
&8ee text. 
^ata at 0.44M 25.0° are shown In Table 1. 
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Table 2. (Continued) 
Expt. Temp. [«+] 103[Fe3+] lO^CKNj] 
^obsd kàq(oor)* 
No. oc M M M see"! sec-1 
34 25.0 0.60 8.00 4.00 23.9 23.7 
35 25.0 0.60 4.00 8.00 23.8 23.6 
36 25.00 0.80 10.0 6.00 23.6 23.4 
37 25.0 0 .80 6.00 10.0 25.2 25.0 
38 25.0 0.80 5.00 8.00 23.9 23.7 
39 25.0 0.954 6.00 10.0 29.2 25.0 
40 25.0 0.974 4.00 2,00 25^6 25,5 
41 25.0 0.980 2.00 8.00 25.2 25.1 
42 34=2 OilO 2.00 2.00 44.2 43.2 
43 34,2 0.10 1.00 4.00 44.1 42.9 
44 34.2 0.20 3.00 6.00 48.1 46.9 
45 34.2 0.30 1.00 9.00 47.5 46.6 
46 34.2 0.40 10.0 4.50 50.4 49.4 
47 34.2 0.60 9.00 6.00 51.9 51.2 
48 34.2 0.70 3.00 6.00 53.7 53.3 
49 34.2 0.888 17.0 10.0 55.8 54.8 
Table 3. Temperature dependences of the rate constants for 
aquation of FeN^2+ 
Hate constant Value of rate constant AH* 
15.8° 25.0° 34.2° eu kcal/mole 
k2aq(sec-l) 8.76 20.0 43.3 -3.2+0.6 14.7+0.2 
kiaq(M-lsec-l) 1.7 5.1 14 11±5 19.6+1.4 
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^obsd should be linear at a particu­
lar acid concentration, (e.g. constant [H^] was assumed In 
deriving Eq 7 ) with slope k^. The experiments done in solu­
tions of high Fe(III) concentration had varying values of 
[h^], because of Eq 10 and 11; the nominal value of was 
0,05M, but the exact value ranged from 0.051 - 0.058M. 
Because of the variation in [H"*"], the approximate Eq 12 was 
derived to suggest an alternate graphical method for getting 
from the data. Equation 12 is only approximately valid 
KOBSD = KZF [FE>]^Q + /[H+] + (12) 
because it neglects the acid dependent aquation term and the 
opposing acid independent formation term. However the neg­
lected k^aq term carries only 1.3% of the aquation reaction 
at ,05M fT*" as shown by results given earlier for k' . The 
aq 
principle of microscopic reversibility requires that the 
opposing formation rate term (the one neglected) likewise 
carries only 1.3# of the formation reaction. 
Figure 5 Is the plot suggested by Eq 12. Points plotted 
in Figure 5 were obtained both from formation and from dilu­
tion measurements; each type of measurement included experi­
ments with excess Iron(III) and experiments with excess 
hydrazolc acid. The numerical results of these experiments 
are given In Table 4. 
The points plotted in Figure 5 seem to yield two values 
for kf[H*] (e.g., slope): 13.5 ± 0.5 sec"^ obtained from 
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Table 4. Results of experiments measuring the rate of 
approach to equilibrium by Eq 5 the presence 
of a large excess of Fe3+ or HN3 
Expt 
No. 
M 
103cp3 
M 
IO3CHN3 
M 
Type of" 
expt 
kobsd 
sec-l 
([Fe3*]+[KN3J)-
LH+] 
1 0.0500 0.600 11.8 Dilution 24.3 0.236 
2 0.0500 0.400 24.8 Dilution 27.6 0.496 
3 0.0500 0.260 38.8 Dilution 30.0 0.776 
4 0.0500 0.150 66.0 Dilution 39.2 1.320 
5 0.0500 0.140 78.7 Dilution 40.3 1.574 
6 0.0500 0.120 95.0 Dilution 49,2 1,900 
I  0.0500 0.600 10.56 Formation 22.8 0.211 8 0.0500 0.400 25.6 Formation 24,8 0.512 
9 0.0500 0.260 38.0 Formation 28.1 0.760 
10 0.0500 0.080 48.7 Formation 29.9 0.974 
11 0,0500 0.150 67.2 Formation 36.6 1.244 
12 0.0500 0.140 81.3 Formation 35.2 1.626 
13 0.050 0.120 96.8 Formation 40.1 1.936 
14 0.0510 13.0 0.542 Dilution 22.8 0.235 
15 0.0529 28.0 0.300 Dilution 25.6 0.475 
16 0.0553 45.0 0.220 Dilution 26.9 0.718 
17 0.0578 60.0 0.187 Dilution 30.9 0.903 
18 0.0512 18.0 0.460 Formation 22.7 0.329 
19 0.0526 32.0 0.290 Formation 26.3 0.560 
20 0.0549 51.0 0.210 Formation 29.8 0 .840 
21 0.0558 70.0 0.170 Formation 32.2 1.151 
*See text. 
^The quantity ([Pe3+]+[HNT])/[H+] Is plotted in 
Figure 5. 
dilution experiments with excess HN^, or 10.1 +0.2 sec"^ 
obtained from the other three series of experiments. All the 
series of experiments gave an intercept (20 sec"^) agreeing 
with the value of at0.05MH"^, obtained in measurements 
without large excesses of HN3 of Fe^*. The two values of 
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([Fe^*] + [HNg]) CHT' 
Figure 5' Evaluation of the formation rate constant kf in the 
plot suggested by Eq 12, The points refer to the 
following series of rate experiments all at 25.0° 
and l.OOM ionic strength; o high HN3 aquation; 
0 high HN^ formation; # high Pej+ formation; 
• high Pej+ aquation. The latter 3 series are 
represented by a single line; the shading repre­
sents two standard deviations on either side of 
the line of best fit 
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lead to calculated equilibrium quotients for Eq 5 of 
QN3 = 0.67+0.05 or = 0.498 + 0.035. respectively. Al­
though these values lie near the published value (32,33), 
= 0.591, the differences are larger than acceptable for 
experiments of this precision and especially the systematic 
direction of the deviations requires further explanation. 
Equilibrium measurements 
Because the kinetic procedures resulted in conflicting 
values for a series of spectrophotometrlc measurements 
at 4600A, where the only absorbing species is the azido com­
plex, was carried out at unit ionic strength, 25.0®, and [H^] = 
.O5OOM. These studies were similar to the earlier work (32, 
33) and covered the concentrations of 10"^ to 5xl0"^M iron(III) 
and 10"3 to 0.35 F hydrazolc acid, with 0.950M lithium per-
chlorate also present. 
In addition to checking earlier work, two series of 
measurements were made in which Iron(III) rather than hydra-
zoic acid was in excess, Iron(III) was extended to 0.07M in 
each set, with very low [HN^]. One set of experiments was 
done at 0.05I - O.O56M , and the other at 0.100 - O.IO3M H"*', 
at 25.0° with ionic strength l.OOM, maintained with lithium 
perchlorate. 
In all equilibrium studies the quantity e is defined as 
O/^llm where D represents the absorbance enhancement due to 
complex formation and represents the formal concentration 
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of the reactant at low concentrations. On this basis Eq 13 
is derived in the form suggested by Newton and Arcand (46), 
G = . sCH+D/QN^CRJxg (13) 
where [R]yg represents the concentration of the reactant at 
high concentrations, and is the molar absorptivity of 
azldolron(III). Relation I3 allowed evaluation both of ej 
and of QN^. An Iterative process was employed using the pre­
vious to calculate [HN^] and [Fe^^] and then using these 
concentrations to reevaluate and The results are 
shown numerically in Table 5 and graphically in Figure 6 in 
the plot suggested by Eq 13. 
The results of the experiments lead to = 0,596 + 
0.015 and = 3570 + 60 WT^cm"^ at high [HN^], in excellent 
agreement with the published values (32,33) derived from meas­
urements under similar concentration conditions. The values 
in the high Iron series, again using = 2.4%10"3M in treat­
ing these data, are = 0.512 + 0.015 and = 4400 + I60 
M'^cm"^ at 0.05 and O.IOM H+. 
Europium(II)-Iron(III) Reaction in Perchlorate Solution 
Rate law 
Aquoirondll) was reduced by europium(II) in perchlorate 
solution according to the stoichiometry given in Eq 14. 
Fe3+ + Eu2+ = Pe^* + Eu3+ (14) 
The rate law at constant hydrogen ion concentration is given 
by Eq I5. The second order rate constant k' was occasionally 
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Figure 6. Evaluation of QN^ and at 4600A In plots 
suggested by Eq 13. The lower line refers to 
data at high FIN3, and the upper to data at high 
Fe3+ at 0.05 F (0) and O.IF (+) perchloric acid. 
The abscissa at high HN3 is 
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Table 5* Spectrophotometrlc data for évaluation of at 
25.0®, l.OM lonlc strength ^ 
Expt [H+] 10'Op, 
M 
ëa 
10^[R]xs 
No. M M M-lcm-l M M-lcm-1 
1 0.0503 5.00 5.00 190 4.74 2010 
2 0.0504 5.00 10,00 368 9.56 1940 
3 0.0501 1.00 20.0 684 19.9 1730 
4 0,0500 0.100 86.0 1740 86,0 1010 
5 0.0500 0.100 172 2426 172 705 
6 0.0500 0.100 258 2710 258 525 
7 0.0500 0.100 344 ' 2890 344 420 
6 0.0505 10.0 0.242 385. 9.48 2050 
9 0.0513 20.0 0.242 688 18.7 1890 
10 0.0524 30.0 0.242 930 27.7 1760 
11 0.0535 40.0 0.242 1136 36.5 1670 
12 0.0548 50.0 0.242 1300 45.2 1580 
13 0.0562 60.0 0.242 1442 53.8 1506 
14 0.0577 70.0 0.242 1556 62.3 1440 
15 0.1002 10.0 0.242 210 9.77 2150 
16 0.1006 20.0 0.242 398 19.5 2060 
17 0,1010 30.0 0.242 570 29.1 1980 
18 0.1014 40,0 0.242 717 38.6 1880 
19 0,1020 50.0 0.242 852 48.0 1810 
20 0.1026 60.0 0.242 984 57.4 1760 
21 0.1032 70.0 0.242 1099 66.8 1700 
®Thls quantity Is defined In the text. 
-dfEudDl , -d[pe(m)] ^  „[p,(ni)][Eu(II)] (15) 
d t dt 
evaluated as the quotient of the observed pseudo-first-order 
rate constant and the concentration of the reagent In excess. 
The constant k' was more often derived from a plot of log(B/A) 
vs time, as suggested by the Integrated rate law given In 
Eq 16, where [A] and [B] are reactant concentrations. The 
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(16) 
concentration of the limiting reagent (A) was calculated as a 
function of time from the fractional change of deflection D 
Values of Dq, D, and were read from the oscilloscope 
trace= The concentration of the ion in excess was then 
obtained from the stolchiometry by Eq 18, to make available 
all the quantities needed to evaluate k' according to Eq 16. 
Evaluation of k* according to Eq l6 was complicated in 
the faster experiments by the time lag between mixing and 
first observation. The point of observation was removed from 
the mixing chamber by a distance corresponding to a time of 
3-4 msec. 
The time delay was obtained from a pseudo-first-order 
reaction with initial concentrations [Pe(III)] =» 39.0x10""^, 
[EU(II)] = 2.60xl0"^, and [H*] = 0.300, Linear plots of 
D-D«j vs time were constructed from the observed data. The 
true (as opposed to the observed) Dq-Doo value was obtained 
by measuring the oscilloscope deflections caused by each of 
the individual reactant solutions and by the equilibrium mix­
ture; Dg was taken as midway between the reactant deflections 
and Dm as the equilibrium deflection. The D-Do» plots were 
(Eq 17); 
[A] = [A]„ 
DQ- D 
Do""D*» 
(17) 
[B] = [Big - [A]o + [A] (18) 
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extrapolated to the true DQ-DOO ; the time delays between true 
DQ-DO* and the first observed D-Doo were read from the plot. 
The time delay measured for the high syringe speed setting 
used for the fast reactions was 3*5 + 0.9 msec. In those fast 
second order experiments where appreciable reaction had 
occurred during the first 3.5 msec, values for [A] and [s] at 
first observation were calculated on the basis of an estimated 
value for k and the known delay time. These calcnIn tod con­
centrations were called [A]q and [B]q for use In Eq 16. 
A series of 13 measurements of k' were made at 15.8°, In 
solutions containing O.876M H"*" and l.OOM Ionic strength. The 
reactant concentrations were varied over the ranges 2x10"^ 
[Fe(III)]^ < 1.5X10'2M and 8x10'^ < [EU(II)]q < 3X10-3M. 
These measurements Included experiments with excess Pe(III) 
and with excess Eu(II); the results are summarized In Table 6. 
For each experiment about 4 concentration-time plots were 
obtained from the given pair of solutions; the numbers In 
Table 6 are the averages of the Individual values for k*. 
Figure 7 Is a copy of one of the oscilloscope traces used to 
evaluate k' for experiment 5 In Table 6. The observed and 
calculated numbers obtained from the trace, used to make the 
plot In Figure 8 as suggested by Eq 16, are shown In Table 7. 
The plot In Figure 8 describes the reaction to $6% of com­
pletion. The slope of the line In Figure 8 Is 2.875 sec~^; 
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Table 6. Rate measurements for the reaction of Pe3+ and Eu^* 
at 15.80, O.876M H+, and l.OOM Ionic strength In 
perchlorate solution 
Expt lO^FedlD] lO^CEudD] X 
n 
lO-^k' 
No. M M Ï M-lseC •1 
1 0.200 0.744 2400 1.54 + .04' 
2 2.50 10.3 3300 1.34 .29 
3b 3.43 3.355 3300 1,64 ± .14 
UC 5.00 10.6 3500 1.57 .09 
5 6.00 10.3 3500 1.52 + .05 
6 9.00 32.3 4000 1.48 .03 
7(1) 11.0 5.89 3300 1.60 .07 
7(2) 11.0 5.89 3800 1.51 + .14 
Sd 12.25 8.75 3400 1.62 + .06 
9 50.0 4.42 3400 1.41 + .05 
10 50.0 4.8 3400 1.53 .02 
11 50.0 5.30 3400 1.36 + .07 
12 75.0 4.8 3400 1.47 + .04 
13 150 4.8 3300 1.62 + .12 
®The indicated uncertainty is the average deviation from 
the mean of successive meiasurements of the same reaction. 
^Eq 16 does not apply in this run since [B]Q-[A]O was 
quite small. The integrated second order rate law assuming 
[b]^ = [a]^ = 3.392x10-4 was used. 
^Added Eu3+, IxlO'^M. 
^Added Pe^"*" and Eu^"*", each B.BxlO'^M. 
Time 
Figure 7. An oscilloscope trace for the reaction between 
Eu(II) and Pe(lII) in perchlorate solution. 
This trace Is from Experiment 5. Table 8, and 
Is the basis for the calculations shown In 
Table ? 
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msec 
Figure 8. A seral-logarlthmlc plot of [Eu(II)]/[Pe(III)] 
vs time, based on the oscilloscope trace shown 
in Figure 7 
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Table ?. Calculations derived from the concentration-time 
plot shown in Figure 7 , and used to construct the 
ln(B/A) vs time plot shown In Figure 8 
Time 10"^[Fe(III)]^ 10"4[Eu(II)]G [Eu(II)]/ 
( sec) M M [FedlD] 
0.00 26.3 5.65*  9 .95*  1 ,76  
0.02 19.9  4.10 8.4o  2.05 
0.04 16.0 3.15 7.45 2.37 
0.06 13.5 2.545 6.85  2.69 
0,08 11.7 2.11 6.41  3.04 
0:10 10,2 1 = 745  6.05 T , fl 7 
0.12 8.9  1 .43  5.73 4.00 
0.14 7.9 1.19 5.49 4.61 
0.16 7.1 0.994 5.29  5 .32  
0.18 6.55 0.860 5.16 6.00 
0.20  6.05 0,740 5.04 6.81 
0.23 5.4 0.582 4.88  8.39 
0.25 5.1 0.509  4 .81  9 .45  
0.28 4.8  0.436 4.74 10.9 
0.30  4.6 0.388 4.69 12.1  
0 .33  4.2 0.291 4.59 15.8  
0.35 4.0 0.242 4.54 18.8 
3.0  
^Arbitrary deflection units. 
^Calculated according to Eq 17, 
^Calculated according to Eq 18. 
^Estimated concentrations at the time of the first 
observation; the concentrations at the Instant of mixing 
are listed in Table 6 , for experiment 5. 
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thus according to Eq l6, the value of k' is (2,875 sec"!) 
(2.303)/4.3X10"^M = 1.5I^xlO^M"^sec"^. where 4.3xlO'^M = 
LEu(II)]Q-[Pe(III)]Q. 
The adequacy of Eq 16 (and thus the rate law In Eq 15 
and the stolchlometry In Eq 14) is strongly supported by the 
absence of trends In k' over the wide ranges of [Pe(III)]o 
and [EU(II)]q. In addition, the absence of wavelength depend­
ences and product concentration dependences (expts 4 and 8) 
are evidence for the absence of more complicated rate behavior 
than asserted by Eq 15. The mean value for k' listed in 
Table 6 is 1.51xiO^M~-sec""^. 
Hydrogen ion and temperature variations 
Experiments at 15.8° demonstrated that k' was a function 
of [H"*"]; k' was measured at various acidities and temperatures 
in the ranges 0.015 < [H*] < l.OOM and 1.4® < T < 25.0°. The 
results of these experiments are given in Table 8 and Figure 
91 and show a linear relationship between kobsd and 
The acid dissociation of Iron(III) (Eq 10) was suffi­
ciently important at low hydrogen Ion concentrations that it 
was taken into account in deriving a rate law in terms of 
species. The data of Mllburn ( 45) were used for the correc­
tion shown in Eq 19. Mllburn (45) reported = 10,2 + 0.3 
[Pe3+] = Fe(III) ] (19) 
[H+] + Qa 
Table 8, Observed and calculated rate constants for the roactlon of Eu(II) and 
Fe(III) as a function of temperature and [H+] in perchlorate solution 
Erpt Temp [H+] lo'*[Pe(III)]O IO^CEuCII ) ](, 
No. oc M M M i M-lseo-1 H-lsec-1 
1 1.6 0.0150 2.00 0.326 2700 18.0 15.2 
2 1.6 0.0200 2.00 0.299 2700 14.4 11.5 
3 1.4 0.0310 20.0 3.84 3300 8.14 7.49 
4 1.4 0.0360 20.0 3.8 3300 5.95 6.51 
5 1.6 0.0400 2.00 0.345 2700 6.92 5.99 
6 1.4 0.0500 30.0 4.08 3300 4.92 4.79 
7 1.4 0.100 40.0 3.8 3300 2.70 2.57 
8 1.4 0.200 80.0 4 3300 1.33 1.46 
9 1.4 0.500 100.0 4 3300 0.729 0.788 
10 1.4 0.879 200.0 4 3300 0.616 0.595 
11 1.4 0.939 100.0 4 3300 0.613 0.579 
12 15.8 0.015 0.200 0.871 2400 53.2 45.5 
13 15.8 0.0167 0.800 0.290 2700 46.7 41.2 
14 15.8 0.020 0.800 0.331 2700 36.1 34.7 
15 15.8 0.031b 8.55 2.375 3500 22.4 23.0 
16 15.8 0.031 7.50 3.14 3300 23.4 23.0 
17 15.8 0.036 7.50 3.50 3300 17.9 19.9 
l8 15.8 0.050b 4.00 6.20 3300 10.4 14.6 
19 15.8 0.050 2.00 0.318 2700 16.4 14.6 
20 15.6 0.0700 3.00 7.175 3500 8.54 10.61 
21 15.8 0.100% 6.00 2.35 3500 6.67 7.60 
22 15.8 0.100 3.00 6.70 3500 7.25 7.60 
*See text for a discussion of the calculation procedure, 
^Only one value for kôbsd (the average) at a given temperature and acidity 
was used in the computer calculation. 
Table 8, (Continued 
Expt Temp [H+] lo4[Pe(III)]o 10^[Eu(II)]o 10 ^ caicd® 
No. °C M M M 
0 
A 
K"lsec~l M-lsec'-l 
23 15.8 0.130% 3.00 6.84 3500 5.59C 5.97 
24 15.8 0.130 3.00 7.18 3500 6.15 5.97 
25^ 15.8 0.20 4.00 7.44 3500 3.30 4.07 
d 15.8 0.876 1.51 1.31 
26 15.8 1.00 7.50 3.85 3500 1.25 1.21 
27 25.0 0.0286 0.200 0.735 2400 54.9 47.7 
28 25.0 0.0300 0.200 0,844 2400 51.7 45.6 
29 25.0 0.040 0.200 0.805 2400 38.9 34.8 
30 25.0 0.050 1.80 0.296 2700 28.8 28.2 
31 25.0 0.0571 0.200 0.826 2400 27.7 24.9 
32 25.0 0.0667 0.200 1.61 2700 24.6 21.5 
33 25.0 0.0800 1.50 2.80 2700 18.1 18.1 
34 25.0 0.100 7.00 3.30 3200 13.6 14.6 
35 25.0 0.111 6.00 2.25 3200 13.3 13.2 
36 25.0 0.133 0.200 0.774 2400 13.0 11.2 
37 25.0 0.167 
0.20D 
6.00 2.35 3200 9.14 9.08 
38 25.0 8.00 2.97 3200 7.81 7.68 
39 25.0 0.20 9.00 2.89 3200 7.45 7.68 
40 25.0 0.40% 11.0 2.74 3200 4.18 4.16 
41 25.0 0.40 ^ 12.0 3.76 3200 3.98 4.16 
42 25.0 0.953% 12.0 4.43 3200 2.09 2.11 
43 25.0 0.953 20.0 4.32 3200 2.13 0.11 
°The simple averaçe of expts 23 and 24 was not used in the computer calcula­
tions; the value for kobsd for expt 24 is the average of a larger number of 
individual measurements than for expt 23. so 24 was more heavily weighted. 
^Data obtained at 15.8°, 0.876M FT*" are listed in Table 6. 
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kcal/mole and ASg^ = 21 + 1 eu for Eq 10. Taking 10.2 kcal/ 
mole as correct. It was necessary to use = 21.U8 eu to 
exactly recalculate Mllburn's value = l,65xlO"^M at 25.0°. 
The values AH^ = 10.2 kcal/mole and = 21.48 eu were used 
to fit the k' data listed In Table 8 to Eq 20 by the computer 
technique already described (44). The computer-calculated 
values for k' are listed In Table 8. 
The lines drawn In Figure 9 are the computer-calculated 
lines of best fit, while the points are the observed values. 
The calculated values of the constants k^ and k2 at three 
temperatures and the associated activation parameters are 
shown in Table 9. The values listed In Table 9 fit the data 
Table 9. Temperature dependences of the rate constants for 
reaction of Eu(II) and Pe(III) In perchlorate 
solution, at ionic strength l.OOM, maintained with 
Li+ 
Rate Value of the rate constant As* 
a AH*® 
constant 1.6° 15.8° 25.0° eu kcal/mole 
kl 3410 4920 6140 -29.4 + 9.2 3.5 ± 2.6 
^2 . 2280 7160 14200 1.3 ± 1.8 12.2 + 0.5 
®The indicated uncertainties represent standard devia­
tions. 
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Figure 9. The temperature and hydrogen ion dependence of k' 
for reduction of Fe(III) by Eu(II) In perchlorate 
solution. The temperatures 1,4, 15.8, and 25.0° 
are denoted by A , 0, andQ , respectively 
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with an average deviation between and of 8.6#. 
This fit Is deemed adequate; a more complicated rate law Is 
not justified because the apparent systematic deviations 
between observed and calculated values (e.g. kg^gd ^  ^ calc 
low see Figure 9 ) are small relative to the non-
systematic scatter. Thus, fîq 21 Is a complete rate law that 
adequately fits the data; an alternate rate law is discussed 
in a later .sections 
-d[Fe(III)] _ _ d[Eu(II)] _ r ^ kg 1 [H+] 
dt dt I [H+] j [H+] + Qa 
[Pe(III)][Eu2+] 
Bennett and Sheppard (30) reported a value for k' > 10^ 
M~^sec"^ at 0°, l.OM HCIO^, obtained from a quenched-flow 
experiment, quenched after O.O6 sec, in which -
[Pe^]^ = IQ-^M. Our results extrapolated to 0®, l.OM H*, 
give k' = S.SxlO^M'^sec"*^, with only about 3% reaction occur­
ring after O.O6 sec. It is believed the Bennett and Sheppard 
report Is wrong, due to poor choice of a quenching solution. 
The blpyrldine-acetate ion quenching solution had stopped the 
reaction Fe^"*" + Co3*, where presumably it acted by formation 
of Fe(blp)2*. Its effect on the Eu^* + Pe^* reaction would 
probably be an acceleration, however, owing to lowering of 
[H^] and probably also owing to strong complexing of the Fe^* 
product. 
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Chromlumdl)-Iron(III) Reaction In Perchlorate Solution 
The reduction of aquoiron(III) by chromlum(II) in per­
chlorate solution has been studied by Dulz and Sutln (l6). The 
stoichiometry and rate law are shown In Eqs 22 and 23, where 
Pe3+ + Cr2+ = Pe2+ + Cr3+ (22) 
^ ^ = k'[Pe3+][Cr2+] (23) 
dt dt 
k* is defined by Eq 24. The Cr%+ - Fe^* reaction Is thus 
k' = ^ (2M 
exactly analogous in kinetic form to the Eu2+ _ Pe3+ reaction. 
The earlier investigation (16) was carried out exclusively at 
25°; in this work the rate parameters were restudled as a 
function of temperature. The data were treated just as 
described for the Eu2+ - Pe3+ reaction, including the writing 
of the rate law according to Eq 25, to account for the acid 
-dCCr(II)] -d[Pe(III)] r ^2 7 f 
I (H+]y((îï^] + dt dt ET-jy ((ÎTJ Qa 
(25) 
[[Pe(III)][Cr2+]j 
hydrolysis of Pe^*. The results of experiments at three tem­
peratures and a variety of acid concentrations are shown In 
Table 10 and In Pigure 10. The points in Plgure 10 represent 
observed values, and the lines are the calculated lines of 
best fit. The calculated values of k^ and k2 at three temper-
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Figure 10. The temperature and hydrogen ion dependence of k' 
for reduction of Fe(III) by Cr(II) in perchlorate 
solution. The temperatures 1.6, 15.8, and 25.0° 
are denoted by A , 0, and • , respectively 
Table 10. Observed and calculated rate constants for the reaction of Cr(II) and 
Fe(III) as a function of temperature and [H+] In perchlorate solution 
Expt 
No. 
Temp 
OC 
1—
1 
1 
1 
104[Pe(III)]Q 
M 
lo4[Cr(II)]o 
M 
X 
2 
^obsd 
M-lgec-l 
^calcd 
M-lsec~l 
1 1.6 0.02857 0.300 6.34 2400 2.92 2.81 
2 1.6 0.0300 0.200 3.41 2400 2.82 2.68 
3 1.6 0.0500 0.300 4.81 2400 1.64 1.63 
k 1.6 0.0700 0.200 3.24 2400 1.10 1.17 
5 1.6 0.100 0.300 8.23 2400 0.794 0.829 
6 1.6 0.500 0.500 15.8 2400 0.179 0.186 
7 1.6 1.0 0.500 16.1 2400 0.108 0.105 
8 15.8 0.0500 0.240 2.60 2500 6.53 6.36 
9 15.8 0.100 0.300 4.55 2400 3.42 3.23 
10 15.8 1.00 0.715 15.3 2600 0.381 0.363 
11 25.0 0.0500 0.300 1.77 2400 13.80 14.3 
12 25.0 0.100 0.240 2.65 2500 7.55 7.30 
13 25.0 0.100 0.300 2.48 2400 7.18 7.30 
14 25.0 1.00 0.715 14.7 2600 .756 0.792 
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atures and the associated activation parameters are given In 
Table 11, Dulz and Sutln (l6) reported = 2.3x10^ and 
k2 = 5.4xlo3 In l.OOM Ionic strength solutions (maintained 
with NaClO^) at 25° .  
Table 11. Temperature dependences of the rate constants for 
reaction of Cr(II) and Fe(III) In perchlorate 
solution at Ionic strength l.OOM, maintained with 
L1+ 
Rate 
constant 
Value 
1.6° 
of the rate constant 
15.8° 25.0° 
AS* 9 
eu 
AEi* * 
kcal/mole 
kl 250 420 570 -28.4+16,0 5.2+4.4 
*2 800 3210 7330 8.8+0.9 14.8+0.3 
*The Indicated uncertainties represent standard devia­
tions. 
Reductions of Iron(III) In the Presence of Gomplexlng Anions 
General 
Hallde and pseudo-hallde Ions were found to catalyze the 
reaction between Fe(III) and Eu(II) species. A list of all 
the pathways that were discovered for reducing Pe(IH) species 
In the presence of anions other than perchlorate Is given in 
Table 12, At least one of the last two paths listed in Table 
12 (called catalyzed paths hereafter) was observed and meas­
ured kinetlcally for each anion investigated. The rate of 
approach to complexatlon equilibrium, Eq 26, could be made 
Pe3+ + X- = Fex2+ k^, (26) 
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Table 12. Pathways for reduction of Iron(III) species by 
Eu2+ and Cr2+ 
Designation 
of path 
Rate expression Net reaction correspond­
ing to the path 
Aquo path ki[Pe3+][M2+]a Pe3++Eu2+=Pe2+ + Eu3+ 
Pe3++Cr2+=Pe2++Cr3+ 
Hydroxo path k:2[Pe3+][M2+]/[H+] Pe 3++Eu2+=Pe 2++Eu3+ 
Fe 3++Cr2+=Pe2++Cr3+ 
FeX path kpgxLPex2+][M2+] PeX2++Eu2+=Pe2++X-+Eu3+ 
PeX2++Cr2+=Pe2++CrX2+ 
Anion path kx[Pe3+][M2+][X-] Pe3++Eu2+=Pe2++Eu3+ 
Pe 3++Cr2++X-=Pe2++crx2+ 
represents Eu or Cr. 
slow relative to the rate of reduction of Iron species for 
each anion studied. The slowness of complexatlon was neces­
sary, In order to separate the contribution of similar cata­
lyzed paths. One way to make the complexatlon equilibrium 
relatively slow was to use high concentrations of Eu(II), 
thus accelerating the reduction reactions relative to llgand 
substitution, Complexatlon was also made relatively slow by 
performing most experiments at low temperatures; in each 
system studied, values for kf and kg^q were greater than 
6o 
Revalues for and kpeX' 
Experiments designed to measure were accomplished by 
mixing Iron(lll) solution with Eu(II) solution containing X~ 
Ions, The resulting rate of reduction of Iron followed a 
pseudo-seeond-order equation, and rate constants were evalu­
ated according to Eq l6, just as In solutions containing only 
perchlorate anions. However, the observed second order rate 
constants increased linearly with [%"]. These observations 
suggest the following two-term rate law (Eqs 27 and 28), 
-d[Fe(III)] 
dt = kob8d[Pe(III)][Eu(II)] (27) 
kobsd = k' + kx[X-] (28) 
Equations 27 and 28 are only approximately correct however; 
the reaction sequence consisting of the formation of FeX^"*" 
followed by its reduction (the FeX pathway occurred very rapid­
ly under the conditions employed) made a minor contribution to 
the net oxidation-reduction process. Consideration of this 
sequence required replacement of Eq 28 by Eq 29, where the kf 
term represents a correction for this effect which was minor 
kobsd = k' + kx[X-] + ] (29) 
for all anions, except perhaps Br", The quantity [Mfll)]^^ 
is the average concentration of Eu(II) (or Cr(II)) during an 
experiment; M(II) was in excess over Fe(III) in these 
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studies. Values of kpg^ reported In a later section confirm 
that Pex2+ formed In these experiments was very rapidly re­
duced. The quantity was defined, Eq 30. The slope of 
kcorr = ^obsd *" 3— = Ic' + ^x[X"] (30) 
[ M 2-^ lav 
plots of kcorr vs [X~] for experiments at a common acidity 
was k^; the value of the intercept, k', represents the rate 
constant in perchlorate solution whose value is computed from 
Eq 20. Intercepts of such plots were In good agreement with 
the known values of k'. Alternatively, the value of kx could 
be computed from a single experiment, according to Eq 3I, 
kx = *oorr- k' (31) 
[X-] 
Experiments designed to measure kpg% were accomplished 
by mixing an Eu(II) solution with an iron(III) solution con­
taining X" in which the complexatlon equilibrium given in 
Eq 26 had been established. Following mixing, the depletion 
of absorbing species (FeX^* and sometimes also Eu^* and Fe^*) 
was at first very rapid. This rapid change corresponded to 
the reduction of FeX^"*" by Eu^"*", the rate constant of which 
could be measured from the oscilloscope trace. Subsequent to 
that portion there occurred either of two slower processes, 
as follows. In experiments in which [Fe(III)] > [EU(II)] , 
the initial rapid absorbance decrease was followed by an 
absorbance increase. See Figure 11 for a specific demonstra-
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Figure 11. 
Time 
Oscilloscope traces obtained In experiment 5i 
Table 14. The upper plot spans the first 50 
msec after mixing. The lower plot spans the 
first 20 sec 
63 
tlon of these changes. In experiments In which [Fe(III)J < 
[EU(II)] , and In which FeX^* was the only absorbing species, 
the absorbance was constant after the rapid decrease; when 
Eu2+ Qnd or Fe3+ also absorbed appreciably, the rapid decrease 
was followed by a slower decrease. These observations are 
consistent with the following reaction scheme; (1) the FeX 
path and, to a minor extent, aquation, rapidly consume PeX^"*", 
(2) Eu2+ and Pa3+ Are more slowly consumed via all the path­
ways (see Table 12) (formation of FeX^^ continued to occur, 
so the PeX path is still significant), and (3) If Eu2+ is con­
sumed before Pe^*, PeX^* reforms at its equilibrium concentra­
tion according to Eq 26. 
The rate laws in Eqs 32 and 33 apply, assuming the 
= kpex[Pex2+][Eu2+] + <,[Pex2+]-k;[Fe3+][x-] (32) 
::lf—3 = kp,x[Fex2+][Eu2+]+ [Pe3+][Eu2+] (33) 
dt L [H^]J 
+ kx[Pe3+][Eu2+][x-] 
reaction scheme described above. The data from experiments 
in which FeX^* solution was mixed with Eu^"*" solution were 
treated according to Eq 32; only the term was important 
during the initial period of rapidly decreasing absorbance. 
Catalysis of the reaction between Pe(III) and Cr(II) 
64 
by anions followed the same general patterns described for 
the Eu(II) reductions (see Table 12). The Inertness of the 
Crx2+ product formed In both catalyzed paths permitted Its 
separation and Identification, as reported by Dulz and Sutln 
(16), and in the experimental section of this paper. 
Values for the formation rate constant kf (Eq 26) were 
required for every anion studied, In order to calculate the 
initial concentrations of FeX'"^ and to make the appropriate 
rate computations as described in Eq 29. 
Chloride 
The Values of the equilibrium quotient for FeCl^"*" forma­
tion, Eq 34, at 1.6, 15.8, and 25.0°, at l.OOM ionic strength 
<3.) 
[Fe3+][C1-] 
are = 1.56, 2.25, and 2.90, respectively. These values 
are based on the data of Woods, Gallagher, and King (47). 
The values kf = 0,85 + 0.42/[H*] M'^sec"*^ and k^^ = 0.54 + 
0.27/[H^] sec"! at 1.6° were estimated from Q^l arid the aqua­
tion kinetic study by Connick and Coppel(48), where k^ and 
k^q are defined by Eq 35, The Connick and Coppel study (48) 
^ = k;[Pe3+][ci-] - kàq[PeCl2+] (15) 
was done in solutions at 0.5M ionic strength, maintained with 
NaClO^, at temperatures higher than 1,6°. The extrapolation 
from their conditions is undoubtedly quite uncertain. 
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Experiments to measure for the Eu(II) reduction were 
carried out at 1.6°. Concentrations were varied as follows: 
2.2x10-4 / [pedlD] < ^.OxlQ-^M, l.SxW^ < [EU(II)] < 
2.9x10-3M, 0.0 < [Cl-] < 0.90M, and 0.10 < [ff^] < l.OM. The 
experiments, summarized In Table 13t lead to the average value 
kci = (6.2+1.3)xl0^M"^sec''^. The results at 0.953# are 
shown in Figure 12, according to the plot of vs [Cl"] 
suggested by Eq 30. The intercept corresponding to [Cl"] = 0 
in Figure 12 is the value of k^ + kg/CH^] at 1.6° and .953% 
5800M"^sec"^. The scatter of k^^ derived from these 
experiments Is relatively magnified by subtracting the large 
k' value. The scatter prevents confirmation of a complete 
lack of variation of kg^^ with [H*]. The data are sufficiently 
precise, however, to demonstrate that the predominant rate 
term is independent of ] over the range O.l-l.OM. The 
size of the k^ correction in Eq 30 ranged from 2% (experiment 
1) to 7% (experiment 4) of kg^g^. 
When a solution of Eu(II) containing no chloride ion was 
mixed with an iron(III) solution containing chloride and, 
?+ o 
therefore, FeCl , the absorbance decrease at 3350A (a wave­
length of maximum absorbance for PeCl^*) was very rapid; 
initial half-times for the Eu(II) reduction of FeCl^^ ranged 
from 5 to 11 msec at 1.6°, which was near the limit of meas­
urement. Six experiments were done, with a 4.4-fold variation 
in [FeCl^*] and a 3.9"fold variation in [Eu(II)] . All the 
Table I3. Kinetic data on the reaction of Eu(II) with Fe{III) in the presence 
of Cl~ at 1,6° and l.OOM ionic strength 
Expt [C1-] 
1—
1 1—
1 
10^]Fe(III)] lO^EudD] ^^obsd ^oorr* lo-3kci^ 
No. M M M M M-lsec-1 M-lsec-l M-lsec-1 
1 0.25 0.953 4.00 20.1 7.36 7.18 5.5 
2 0.474 0.953 4.00 18.0 10.7 10.3 9.5 
3 0.474 0.953 4.00 23.4 8.17 7.88 4.4 
4 0.60 0.100 2.20 14.4 31.3 29.0 4.9 
5 0.70 0.953 4.00 19.4 10.3 9.78 5.7 
6 0.80 0.400 2.20 30.0 15.7 15.2 7.6 
7 0.90 0.953 4.00 20.1 11.8 11.2 6.0 
Av = 6.2 + 1.3 
^Calculated according to Eq 30. 
^Calculated according to Eq 31. 
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Figure 12. The dependence of the rate of reduction of Pe^^ by Eu(II) in 
chloride solution at 1.6° on [cl"] 
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experiments except number 6 (Table 14) were done at l.OOM H"*"; 
experiment 6 at 0,100 M H"'" provided no evidence for an acid 
dependent path. The data are presented In Table 14; values of 
kpeci were calculated from the absorbance changes occurring 
during the rapid reduction of FeCl^* by Eu(II), using Eq l6. 
The validity of Eqs 32 and 33, with only the kpgci path con­
tributing initially was assumed. The value of kpgQi, 2,0x10^ 
M-lsec-l, proves the kp^ci Path is indeed dominant at short 
times. Based on this value it Is computed that even after 90% 
of the PeCl^^ had been depleted, the term represented 90 
and 97% of Eqs 32 and 331 respectively, in experiment 1, the 
least favorable case. Absence of a rate trend with the con­
centration variations described in Table iZj, is additional 
evidence supporting the calculation procedure. Evidence for 
the correctness of the proposed reaction scheme at long times, 
when Fe(III) remains after Eu(II) is consumed (point 3 In the 
preceding section) was provided by experiment 5 (see Figure 
11 for the absorbance changes observed in the experiment). 
The increasing absorbance shown in Figure 11 was assumed to be 
due to the re-formation of FeCl^* at a rate dictated by the kf 
and kg^q terms in Eq 32. The observed first-order rate con­
stant was 0.72 sec'l. This rate constant is in fair agreement 
with 0.9 + 0.1 sec'l observed at l.OM H"*" and 1.6°, in an 
experiment in which 4.86xlO~^M Fe(III) was mixed with l.OOM 
I r -, I 
CI", and in poor agreement with the value kf(_Cl""J + k^ = 
Table 14-. Kinetic data on the reaction of Eu(II) with FeCl^"*" at 1.6° and l.,OOM 
ionic strength 
Expt 10^[Fe(III)]o LO5[PECL2+]O* 10^[EU(II)]q [H+] LO'^YGCL 
No. M M MM M-lsec-1 
1 2.69 1.66 3.63 1.00 2.4 + 0.2^ 
2 2.69 1.66 5.20 1.00 1.4 + 0.2 
3 2.69 1.66 7.80 1.00 1.5+0.1 
4 5.42 3.30 7.45 1.00 1.7 + 0.0 
5 12.0 7.30 9.55 1.00 2.1 + 0.2 
6 2.69 1.66 2.46 0.100 1.9 ± 0.2 
Av = 2.0+0.4 
^Calculated using Q^i = 1.56; [Cl"] = 0.50M (after mixing) in each 
experiment. 
^The indicated uncertainty is the average deviation from the mean. 
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1.45 M-lsec"! extrapolated from the data of Connick and Coppel 
{14-6), as described at the beginning of this section. 
Dulz and Sutln (l6) have reported a study of the chlo­
ride-catalyzed paths for reduction of Iron(III) by chromium 
(II). Their observations (at 25.0°, l.OOM H"*") followed the 
general pattern outlined above for the Eu(II) reductions, with 
kg2 = 2xlO^M'2sec~^ and kpg^l = 2x10'^M'^sec-^. The inert 
product of both catalyzed reductions was found (l6) to be 
2+ 
GrCl , by an Ion exchange procedure. 
Attempts to verify the reported (l6) value for kp^ci were 
unsuccessful; the initial rapid absorbance change was appar­
ently nearly complete at the time of the first observation and 
only crude estimates for kp^Q^ were possible. Attempts to 
measure kpg^ at 15.8° were similarly unsuccessful, but the 
reaction was slower at 1.6° and reasonably reproducible meas­
urements were made. The results of all the experiments are 
listed in Table 15. 
Thlocyanate 
Thlocyanate was found to catalyze the reduction of 
Fe(III) by Eu(II) by the FeX path (Table 12). The anion path, 
if it exists, is not a major contributor to the reduction. 
Approximate values for Qj^cs as a function of temperature, 
Pe3+ + NCS" = PeNCg2+ 
needed for calculating FeNCS2+ concentrations, were obtained 
as follows. Two PeNCs2+ solutions were prepared and the 
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Table 15. Kinetic data on the reaction of Cr(II) with PeCl2+ 
in 1.00 H+ 
Expt Temp lo5[FeCl2+l lO^CCr^+l Estimated 'f- 10'^kp„Gl2+ 
" or [FeCl2^]o , 
No. °C M M remaining at MT^seo-i 
first observa-
tlon 
1 25.0 
2 25.0 
3 25.0 
4 15.B 
5 15.8 
6 1.6 
7 1.6 
8 1.6 
0.62^ 1,40 very small 5 
1,02^ 2.03 very small 10 
2.00% 4.83 10 6 
2.24c 2.58 8 40 
2.240 3.38 10 30 
1.464 5.75 60 1.3 i .2^ 
I.70Î 4.74 60 1.3 + .2 
2.Old 6.44 60 2.4 + .4 
Av at 1.6° 1.7 + .5 
®The estimates are based on the sizes of the oscilloscope 
deflections observed. 
^Calculated on the basis of = 2.90M~^. 
GCalculated on the basis of = 2.25M"^. 
^Calculated on the basis of = 1.56M~^. 
®The indicated uncertainty is the average deviation from 
the mean. 
absorbance of each was measured at 4600A, at 25.0° and at 4.0°. 
The results are shown in Table I6, together with values for 
QNCS calculated from molar extinction coefficients obtained 
(by interpolation or extrapolation) from Table I7. The values 
reported for Q^cs the two tables are in reasonable agree­
ment at 25°, although the values measured in this study 
(Table 15) appear slightly high at 4°. The values AH^^g 
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Table l6. Measured absorbances of FeNCS2+ solutions and 
calculated values for QNCS 
Solu­
tion 
No, 
lonlc**^ 
strength o
 m
 Absorbance In 
5 cm-cell at 
4600A 
^4600 
M-lcm-1 
Calculated 
QNCS 
1 1.00 4.0 0.848 4753 209 
1 1.00 25.0 0.604 4678 138 
2 0.40 4.0 0.930 4742 238 
2 0.40 25.0 0.699 4672 166 
with LlGlO^. 
^Concentrations In each solution were: [H^] = 0.399, 
[Fe(III)] = 1.524x10-4, [NCS-] = 1.5X10-3m. 
Table 17, Equilibrium data for thlocyanatolron(III) 
lonlc® Temp Reported Reported Ref 
strength oc QNCS» ®I^600» M-LCM-1 
0.2 25.0 192 
0.3 25.0 169 
0.5 25.0 146 
0.5 2.3 170 
0.5 14.7 152 
0.5 25.0 139 
0.5 35.0 127 
0.8 25.0 139 
1.2 5.0 155 
1.2 25.0 130 
4670 
4750 
4680 
49 
49 
49 
50 
50 
50 
50 
49 
49 
49 
&Maintained with NaClO^. 
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(Eq 36) = -1.5, -1.6, and -0,3 kcal/mole were reported 
PE3+ + NCS- = FENCS2+ (36) 
respectively, by Laurence (50), Betts and Dalnton (51)s and 
by Lister and Rlvlngton (4?). The value = -3.1 kcal/ 
mole in l.OOM ionic strength solution was calculated from 
Table 16. These discrepancies are small and could be due to 
the use of different ionic media. The values in Table I6 were 
taken AS correct and were U^ed to evaluate QJIQQ at the desired 
temperatures, assuming a linear relationship with 1/T. The 
results are as follows; QNGS = 2l6 and I63 at 1.6° and 
15.8°, respectively. 
Preliminary attempts to measure k^gg indicated the kf 
correction term In Eq 29 was an Important correction. For 
example, in one experiment at 1,6° with initial concentrations 
as follows, [Fe(III)] = 4,18x10"^, [EU(II)] = 19.3x10"^, 
[NCS"] = 0.25, the observed rate constant was (1.19 + .13) 
xlO^ MT^sec"!, The contribution of the various terms In 
Eq 29 to kobgd are as follows; kg^ga = (1,19 ± ,13)xlO^ = 
,796x10^ + .25kKcg ) + 23(.25)717.1x10-^, or (I.19 ± .13)xlO^ 
= .796x10^ + .34x10^ + ,25kMcg, or (.06 + ,13)xl0^ = .25 k^cg, 
where 23 M'^sec"^ = k^ at 1.6° and 0.5M H"*", estimated from 
the data of Below, Connick, and Coppel (4o), and ,760x10^ • 
MT^sec"! Is the non-catalyzed reduction rate constant (see 
Table 9 )• Thus, the correction term in Eq 29 amounted to 
about 80$ of the entire catalysis. 
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Because the kf correction terra was important in Eq 29, 
and because the previous study (4o) measuring had been done 
at 0.4M ionic strength (maintained with NaClO^), at tempera­
tures higher than 1.6°, and at low [NCS~] (< 1,96X10~3H), it 
was necessary to measure k^ again, under the conditions used 
in kjjjQg measurements. 
The results of a series of stopped-flow experiments, 
in which Pe3* solutions were mixed with NCS" solutions, are 
described in Table 18; [NC8"] did not exceed the still low-
Table 18, Results of experiments measuring the rate of 
approach to equilibrium hy iron(III) and NCS" 
solutions at 1.6°, 0.5M HT, l.OOM ionic strength 
Expt 
No. 
IO3(NCS-] 103[Fe(III)] ^obsd 
M M sec"^ M-lsec-L 
1 1.01 0.418 0.140 24.8 
2 1.01 0.1115 0.138 24.5 
3 2.03 0.0698 0.148 22.2 
4 3.03 0.0550 0.208 27.1 
5 4.03 0.0480 0.186 21.4 
6 5.03 0.0441 0.188 19.5 
Av =  2 3 + 2  
BCalculated from Eq 37, with QnCS = 2l6 M~^. 
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value of In order to minimize the formation of higher 
complexes. Values for were calculated from Eq "37• derived 
kf = (3y) 
[NC8-]+(Qpcg)-l 
from the expressions k^^sd = kf[NCS"] + k^q and k^q = k^VQ^cs* 
The average value for kf, 23+2 M-lsec-l, is in good agree­
ment with the value kf = 23 calculated from the activation 
data reported previously ('(O). 
A second series of experiments was done, with the intent 
of measuring kf In solutions containing NCS~ at higher concen­
trations. The experiments were unsuccessful, but were done as 
follows; an NCS" solution containing Cr2+, was mixed with an 
Fe^"*" solution and the increase in absorbance at 2950-2750JS due 
to CrNGs2+ and CrSCN^* formation (52) was observed. Owing to 
the very rapid reduction of FeNCS^"^ (k > 2xlo'''M"lsec~l at 25°) 
(13) and the slow reduction of Fe^* (k' = i860 MT^sec"! at 
1.6°, 0.5M ; see Table 11) by Cr^"*", formation of FeNCS^"*" was 
expected to be the rate determining step. The results of the 
experiments are listed in Table 19. The ratio kQbga/[NC8"], 
which had been expected to be kf, increased with increasing 
[Cr(II)]Q, and also with increasing [NCS"]. These trends were 
not explained, but did leave the existence of a kj^cs term In 
considerable doubt. If thiocyanatolron(III) complexes form 
as rapidly as indicated by Table 19, the acceleration noted in 
experiments such as the one described above can be accounted 
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Table 19. Results of attempts to measure the rate of forma-
tlon of FeNCS2+ at 1.6° , 0.5M H+, l.OOM lonlc 
strength 
Expt lo5[Pe(III)]o lo5[Cr(II)]o [NCS-] ^obsd ^obsd/C^^^"! 
No. M M M sec~^ M-lsec"l 
1 2.00 1.93 0.10 1.93 19.3 
2 2.00 3.69 0.25 7.22 28.9 
3 3.00 5.29 0.50 18.9 37.8 
4 6.00 12.20 0.50 21.6 43.2 
5 3.00 50.3 o.so 26.3 52.5 
6 4.00 7.60 0.75 39.6 32.7 
for without a kjjcs path. 
The reaction between Eu(II) and FeNCS^"*" (the kpeNCS Path; 
Table 12) was studied at 1.6°, l.OOM ionic strength. The 
initial concentrations were varied by factors of 27, 10, and 
20 for Eu(II), FeNCs2+, and H"*", respectively. One experiment 
was done with FeNCS^^ in excess; the others were done with 
Eu(II) in excess. The observed second order rate constants 
were not dependent on or either of the reactant concen­
trations. The rate of the reaction was also measured at 15.8 
and 25.0°; the results are listed in Table 20. The data in 
Table 20 were fitted to the absolute rate theory equation, 
Eq 9 , as described previously (4^). The activation param­
eters and the values of kpeNCS recalculated from these 
parameters are shown in Table 21. 
Table 20. Kinetic data on the reaction of Eu(II) with FeNCS2+ at M . = l.OOM 
Expt Temp lo5[Eu(II)]o 10 FeNCS 2-1^ ]q 10^[Fe{III)] 0 io3[NCS-] [H+] 10-5 ^PeNCS 
No. Oc H M M M M M-lsec-l 
1 1.6 9.50 1.2 3.05 0.750 0.0500 3.13 
2 1.6 5.75 0.75 2.50 1.00 0.100 2.92 
3 1.6 0.5 7.5 30.5 0.750 1.00 3.14 
4 1.6 4.02 1.2 2.25 3.00 1.00 3.80 
5 1.6 4.77 0.95 2.50 1.50 1.00 3.53 
6 1.6 5.14 0.60 2.50 0.750 1.00 3.24 
7 1.6 8.28 0.47 1.91 0.750 1.00 2.54 
8 1.6 13.5 4.7 19.1 0.750 1.00 2.98 
1.6 Av at 1.6° = 3.2 ± .3 
9 15.8 3.28 0.85 4.28 0.750 1.00 5.19 
10 15.8 3.28 1.0 5.35 0.750 1.00 4.93 
11 15.8 5.55 1.0 5.35 0.750 1.00 5.35 
12 15.8 6.10 0.85 4.28 0.750 1.00 4.38 
15.8 Av at 15.80 = 5.0 + .3 
13 25.0 4.57 0.76 4.40 0.750 1.00 6.53 
14 25.0 5.10 1.1 6.30 0.750 1.00 6.45 
15 25.0 9.55 1.1 3.18 1.50 1.00 5.62 
16 25.0 4.78 1.5 8.80 0.750 1.00 6.46 
25.0 Av at 25.0° = 6.3 + .3 
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Table 21. Observed rate constants, activation parameters, 
and calculated rate constants for the reaction 
of Eu(Il) with FeNCs2+ 
Quantity 
10"'5kpQj,tQ3(obsd, M"lsec-1) 
AH* (kcal/mole) 
AS* (eu) 
10~5kFeNGS(calc. M~^sec~^) 
Temperature 
1.60 15.80 25.0° 
3.2+0.3 5.0+0.3 6.3+0.3 
4.37+0.42 
-17.3+1.5 
3.1 4.8 6.3 
It has been reported that kpewcs the reaction between 
Cr(II) and PeNCs2+ is > 2xl0^M-^sec-l at 25° (13). In this 
study, an attempt was made to measure kpewcs Cr(II) reduc­
tion; it was found to be immeasurably large at 1,6° as well. 
Cyanatoirondll ) 
An approximate value for Q^co (Eqs 38,39) was needed 
for calculation of FeNCO^"*' concentrations in experiments 
Fe3+ + imCO = FeNC02+ + (38) 
%C0 = ,39) 
[Fe^+][HNCO] 
measuring kpeNCO (see Table 12). The reaction described in 
Eq 38 has been the subject of only one previous study (53), 
probably because of the instability of HNCO in acid solution 
with respect to hydrolysis to NhJ and HCO^ (39). 
The value of QJJCQ obtained from a series of kinetic 
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experiments, measuring the rate of approach to equilibrium In 
Eq 38, The experiments were done under conditions of low 
acidity, to minimize hydrolysis of HNCO, which was significant 
even during the short time required to reach substitution equi­
librium. The experiments were done under conditions of low 
total cyanate concentration, to prevent a significant effect 
on [H^] by the reaction described in Eq 4o. The value 
HNCO = H+ 4. NCO- (40) 
Kg = 2.9x10"^ at 18°, ionic strength 0.065 to ,20M, has been 
reported (39). An additional beneficial feature of low 
[HNCO] experiments Is that [HNCO], subject to considerable 
decrease by hydrolysis, need not be known to interpret the 
kinetic data. The experiments were done under conditions of 
high and varying [Pe^+J, to obtain both forward and reverse 
rate constants; ko^sd ^as expected to be of the form shown _ 
in Eq 41. The results of the experiments are presented in 
kobsd = kf[Fe3+] + k^q (^D 
Table 22. The observed rate constants did depend on [Pe^^] 
as expected, and also on as expected from the form of 
QNCO (Gq 39). A plot of kg^ga [Pe3+]/[H+] was linear 
within the experimental scatter, with slope = ,6o sec"*^ and 
intercept = .051 sec"*^. These facts imply the following 
equations for kobsd QnCO» where kf = kj^/[H'^] and 
k^q = k^q, and the values of kf and k^q are .60 and .05I 
kobsd = [Fe3+] + k^q (42) 
Table 22. The rate of approach to equilibrium by irondll), cyanate solutions 
at 2°, ionic strength l.OOM 
Expt 
No. 
1—
1 
1 
1 
103[ F e 3+]a 
M 
Type of^ 
expt 
^obsd 
sec"^ 
[Pe3+]/[H+] 
^calcd 
sec~^ 
1 0.0218 2.11 dilution 0.131 0.0967 0.109 
2 0.0261 4..01 formation 0.125 0.154 0.143 
3 0.1038 3.96 dilution 0.0735 0.0382 0.0739 
4 0.1038 7.18 dilution O.O86I 0.0692 0.0925 
5 0.1038 H
 
0
 
00
 
dilution 0.117 0.104 0.113 
6 0.131 2.11 dilution 0.0693 0.0161 0.0607 
7 0.133 1.06 dilution 0.0521 0.00796 0.0558 
8 0.133 2.12 dilution 0.0568 0.0159 0.0605 
&The formal concentration of HNCO was about 9xlO"^M in each of these 
experiments. 
^See experimental section. 
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^NCO = r— = 11.8 (43) 
^aq 
sec""l, respectively, at 2°C and l.OOM Ionic strength. The 
value Qnco ® 11.8 Is In poor agreement with Lodzlnska (53). 
who reported [Pe3+][NC0"]/[FeNC0^"*"] = 7x10"^ at Ionic strength 
0.7M. The value obtained here for the same quotient Is 
K^/QNGO ~ 2.5x10"%. An absorbance measurement of a solution 
for which [FeNCo2+] was calculated using Q]\[co = 11.8 led to 
epeNGO = 2000 M-lcm-1. 
The anion path (see Table 12) for NCO" possibly does not 
contribute appreciably, due to the extremely low concentra­
tion of NCO" In acid solution owing to its protonation. The 
problems caused by the simultaneous hydrolysis of HNCO in 
acid solution prevented a study of the path In the Eu(II) or 
in the Cr(II) reduction. 
The value of (see Table 12) was measured at 1.6°, 
Ionic strength l.OOM, in a series of experiments In which 
LEU(II)]Q > [PeNCo2+]Q, The observed rate constants were 
pseudo-first-order; consequently accurate values of [PeNCO^'^jQ 
?+ 
were not needed. The FeNGO solutions were prepared by add­
ing a weighed amount of KNCO to an Fe3+ solution in which 
(_H^] / 0.02M. Solutions containing PeNCo2+ were mixed with 
Eu(II) solutions shortly after preparation. The results of 
the experiments are shown in Table 23, substantiating the 
rate law in £q 40. Comparisons of the [EU(II)]Q and 
Table 23. Kinetic data on the reaction of Eu(II) with FeNCO^"'^ at 1.6°, l.OOM 
Ionic strength 
Expt 
No. 
10^[Eu(II)]o 
M 
lO^LPeNCoZ+Jo* 
M 
lO^Cpe 
M 
10 C^cQ In the 
jj reactant 
solution, 
M 
[H+] 
M 
lO'^kpeKco" 
M-lsec-1 
1 4.82 3 
CVJ o
 
1—! 
5 0.020 0.051 1.45 
2 6.20 3 4.90 10 0.015 0.253 1.60 
3 6.70 2 3.70 5 0.010 0.505 1.62 
4 8.20 3 4.90 10 0.015 0.507 1.71 
5 6.55 3 10.2 5 0.020 0.510 1.57 
Av = 1.59 ± .06 
^'Calculated using QMPQ = 11.8 and not considering the acid hydrolysis of 
HNCO. 
^Calculated from the observed pseudo-first-order rate constant as = 
kobsa/[Su(II)]o. 
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-d[FeNC02+]/dt = kpgNco[Eu2+][PeNCo2+] (44) 
and [PeNCO^+^Q concentrations listed in Table 23 do not seem 
to imply that pseudo-first-order behavior should be expected; 
the observed first order rate behavior is explained by the 
claim that [PCNCO^'^'JQ concentrations were much lower than 
listed in Table 23, owing to the acid hydrolysis of HNCO. 
The close agreement between the values of kpg^CO calculated 
for experiments 3 and 5 is cited as evidence that the calcu­
lation kpeNco = ^ob8d/[^^(^^)]o at least approximately 
correct, although the assumption appears weak in experiment 1. 
The value for kpgNCO experiment 1 is not considered signif­
icantly low; no acid dependence is claimed for kpg^CO' 
Measurement of kpgNCO the Gr(II) reduction of 
PeNCO^"^ was done in the way described above for the Eu(II) 
reduction. The results, shown in Table 24, support the rate 
expression shown in Eq 45. The experiments at 1.6° do not 
-d[PeNCO]/dt = kp^^^coL Cr 2+ ][ PeNCo2+ ] (45) 
indicate an acid dependence for kpg^cQ. Kinetic data were 
obtained at 15.8. 20,0, and 25.0°. The activation parameters 
for kpeNco were calculated by a computer fit (44) of the data 
to Eq 9 ; the results, with the average observed and the 
recalculated value for kp^NCO each temperature, are listed 
in Table 25. 
Table 24. Kinetic data on the reaction of Cr(II) with PeKGO^"'" at l.OOM ionic 
strength 
Expt Temp 10^[Cr(II)Q lo5[PeNCo2+]a lO^Cpe lO^C^ [h^] Ch+] 10" ^ICpg jjco^ 
No. °C in Fe 
M M MM reactant M M" sec" 
solution 
M 
1 1.6 9.50 3 10.2 5 0.020 0.051 
2 1.6 16.6 3 4.90 10 0,015 0.100 
3 1.6 21.8 3 5.10 5 0,010 0.505 
4 1.6 17.3 3 4.90 10 0.015 0.507 
5 1.6 2.6 3 10.2 5 0,020 0.510 
1.6 Av 
6 15.8 7.50 3 3.50 10 0,010 0.505 
7 15.8 7.90 2 5.10 5 0.010 0.505 
8 1?.8 10.3 3 6.35 7 0.010 0.505 
15.8 Av 
9 20.0 13.6 2 3.50 7 0.010 0.505 
10 25.0 7.45 3 3.50 10 0.010 0.505 
11 25.0 10.1 3 3.50 10 0.010 0.505 
25.0 Av 
3.38 
4.69 
4.35 
4.40 
5 . 2 0  
6.33 
5.9 
6.35 
8.07 
= 7.2+.9 
^•Calculated using QNC0=11«8 and not considering the a.cid hydrolysis of HNCO. 
^Calculated from the observed pseudo-first-order rate constant as kp^^CO = 
^obsd/C^^(II)lo* 
^The (D-Doo ) vs time plots in this experiment were curved toward slower 
reaction at longer times (e.g., second order behavior); k.was calculated 
from the initial slope of the plots. 
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Table 25. Observed rate constants, activation parameters, and 
calculated rate constants for the reaction of Cr(II) 
with FeNG02+ 
Quantity , Temperature 
1.6° 15.8° 20.0° 25.0° 
10'^kpg_^CO 
(obsd,M-isec-l) 
5.8+.4 5.9 7.2+.9 
AH^ (kcal/mole) 2.86+.67 
AS* (eu) -22.2+2.4 
lO~-5kpeNCO 
(calc,M-lsec-^) 
4.2 5.7 6.2 6.9 
The identity of the Cr(III) product of the Cr(II) reduc-
tion of FeNCO was investigated. The product was prepared by 
slow addition of Cr^* to a stirred solution of PeNCO^"*" with 
the rigorous exclusion of oxygen. In a typical preparation, 
?+• 
0.075 mraoles Cr were added to 17.5 ml of solution containing 
.91 mmoles Fe(III), 1.5 mmoles HCIO^ and 1.0 mmoles KNCO. The 
product solution was passed through Dowex 50W-X8 cation 
exchange resin In the Na"*" form; Ions presumably with charge 2+ 
were eluted from the resin by a solution containing O.98M 
LICIO^ and 0.02M HClO^j,. The spectrum of the eluted complex 
was similar to that for chromlura(III) complexes (see Table 26). 
A total chromium analysis (by the dlphenylcarbazlde method 
(5^) ) on the result of one of the separations allowed évalua-
Table 26, Spectral properties of the product of the reaction of Cr(II) with 
PeNC02+ and of and (H2O)^CrNH^3+^ at room temperature 
Quantity 
Freshly 
eluted 
product 
Complex 
Eluted product Cr(H20)g3+ 
after initial 
first order 
change® 
^inax* ®max 
X e 
max• max 
max 
at long X 
®max short 
5780. 21.0 
4010, 20.0 
1.05 
5720, 18.7 
4110. 18.3 
1.02 
5750, 13.1 
4080. 15.6 
0.845 
5470. 20.5 
3970, 19.0 
1.05 
2500 110 37' 3.8 5.7 
®See text. 
^The uv absorbance is temperature dependent in 0.02M HCIO/4,; absorbance 
increases by about 10% as temperature increases 10°. 
8? 
tlon of extinction coefficients, shown in Table 26. The 
freshly eluted product was not spectrally stable; the visible 
and ultraviolet spectra changed with moderate slowness in 
first order processes catalyzed by Cr2+ and (see Table 2?). 
After the initial first order spectral changes, further small 
changes occurred and were still occurring after a week at room 
temperature. The product of the initial first order spectral 
change was not eluted from Dowex 50'.'.'-X8 resin by IM electro­
lyte. The approximate spectral properties of the products 
and, for comparison, those of Cr(H20)^^'*" and (H2O) 
are shown in Table 26, The ratio of at long X to 
at short X (see Table 26) was .92 in one solution after 1 week 
at room temperature. The kinetic behavior of the freshly 
eluted product is shown in Table 2?. 
Table 2?, Kinetic properties of freshly eluted® product of 
the reaction of Gr(II) and PeNG02+ at room temper­
ature 
Expt [h"^] [Cr2+] lO^obsd^ 
No. sec-1 
1 0.020 0 .0  6 .0  
2 0.030 0.0 9.9 
3 0.246 0.0 19 
4 0.020 0.0078 11 
5 0.032 0.046 14 
®See text. 
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The observations described above lead to the following 
conclusions regarding the product of the Cr(II)-FeNCS2+" reac­
tion and the changes subsequently occurring In the product. 
The Initial product Is a 2+ Ion, probably CrNCO^"^ or CrOCN^"*", 
based on ion exchange behavior. No information was obtained 
relating to the possibility of linkage isomerism occurring 
rapidly, before or during separation of the +2 product. The 
freshly eluted product undergoes llgand modification In a 
first order process, leading to a 3+ ion that Is not 
Cr(H20)6^^ (H20)^CrNH^^'*', based on spectra. Again based 
on spectra, the 3+ ion undergoes further change, probably 
aquation to Cr(H20)^^'*'. 
Azlde 
The value of the rate constant w&s found to be very 
large, near the limit of stopped-flow measurablllty; experi­
ments to measure it were similar to those already described 
for other kp^x constants (see Table 12). The results of the 
measurements are listed in Table 28. The rate constant kpgj^j^ 
was assumed to be second order. Initial concentrations were 
not varied sufficiently to completely verify that point. 
Table 28 indicates that kpg^^ is independent of [H'*'] in the 
range 0.05 to O.65M. 
Halm and Sutln (13) have reported kpgjj^ for the Cr(II) 
p 1 
reduction of FeN^ to be immeasurably large by stopped-flow 
methods; > 2xlo'^M-lsec-l at 25°. The lower limit 2xlO^M"lsec"^ 
Table 28. Kinetic data on the reaction of Eu(II) with at 1.6°, l.OOM 
ionic strength 
Expt 
No. 
io^LSu(ii)]o 
M 
loSCFeN^Z+Do* 
M 
10^[Pe(III)]o 
M 
[H"»-] 
M M—Isec"! 
1 3.17 0.96 11.5 0.050 1.06 + .07 
2 4.52 1.92 25.7 0.613 0.905 ± .036 
3 2.6o 0.96 5.25 0.650 1.77 ± .28 
if 3.10 0.96 16.8 0.650 1.24 + .24 
5 3.67 1.92 12.5 0.650 0.85 ± .15 
AV = 10 2 + .3 
^Calculated using Qjj^ = .364 at 1.6°; evaluation of this number is 
described in the fluoride section. 
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was established for kpgjj^ in this study at 1.6° as well, in 
an experiment with [Cr(II)]Q = 2,66x10"^,, [PeN^^+Jg = 1.44x 
10-5, and [H"*'] = l.OOM. 
Fluoride 
A measurement of Qp was required for the design of exper-
Fe3+ + HF = FeF2+ + (46) 
qp = 
[Fe3+][HP] 
iments to measure the rate of reduction of FeF^"*". Since the 
spectrum of PeF^* is very similar to that of Fe3+, a procedure 
was devised to use both HF and HN^ in solutions of Fe(III), 
The intense visible absorption band of FeN^^* ( X = 4600A, 
e =t 4400 M-^cm"^) provided a convenient analysis for FeN^2+^ 
The known equilibrium quotient provided [Pe3+], whence 
[Fep2+] was computed from the mass balance. The absorbances 
of solutions containing Iron(III), HF, and HN^ were measured 
at 4600A as described In the experimental section. Complexa-
tlon of Iron(III) by HF caused the measured absorbance to be 
lower than If HN^ were the only complexlng agent. The concen­
trations of FeN^ were computed from measured absorbances, and 
the concentrations of Fe^"*" were calculated from the equi­
librium quotient The concentration of Iron(IIl) com-
plexed by fluoride was calculated by difference. A small 
correction for FeF2* was made (Qg = [FeP2*][H*]/[FeF2*][HF] 
= 12.6 (55) at 1.6°) and Qp was calculated, using Eq 4?. The 
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results are described in Tables 29 and 30. The numbers Qp = 
166 and = ,364 were taken as valid at 1.3° and l.OOM 
ionic strength. The valus for Qp comparas reasonably well 
with 202 at 1.6°, 0.50M ionic strength, extrapolated from the 
data of Connick et al. (55). The value for at 1.3°, 
with the value .51 at 25.0°, leads to AH° for Eq 5 = 2.32 
kcal/mole, in good agreement with AH° = 2.03 kcal/mole, 
reported by Wallace and Dukes (32) in IsOM HNO-= 
One experiment was done to test the existence of the 
anion path (see Table 12) for fluoride. The initial concen­
trations were [EU(II)]O = 29.6x10"^. [Fe(III)]O = 2,20x10"^, 
Cpp = 0.050, and [h^J = l.OOM. The observed rate constant, 
5680 MT^sec"! indicates no catalysis when compared to the 
uncatalyzed rate constant, also 568O M"^sec~^ (Table 9 )» 
and considering the value of the k^ correction term in Eq 29. 
The value of the correction is about 50 M"^sec"^, using the 
data of Pouli and Smith (56) to obtain a value for k^. 
The rate constant kpgp (see Table 12) was too large to 
measure by the stopped-flow procedures used to measure kpg^ 
for other anions, partly because the absence of an intense 
absorption band for Pep2+ prevented studies at ideal concen­
tration conditions. The competition procedure outlined in 
the experimental section was used to measure kp^p at 1.6°. 
The differential equation describing the rate of change of 
[PeN^2+] with respect to [Pep2+] in the presence of Eu2+, 
Table 29. The absorbance of solutions containing Fe(III), HF", and at Ionic 
strength l.OOM 
Expt 
No. 
Temn 
oc' 
0
 
0
 
103Cpe 
M 
IO^CRP 
M 
loZcRN] Absorbance/5 cm lO^PeN^^"*"] 
K 
1 1.4 0.790k 8.13 0.00 2.083 1.692* 8.053 
2 1.3 0.7904 8.13 2.068 2.083 1.440 6.838 
3 1.4 0.7904 8.13 4.136 2.083 1.218 5.784 
u 1.3 0.7904 8.13 6,204 2.083 1.037 4.924 
5 1.3 0.893 7.28 6.000 3.300 1.288 6.116 
6 1.3 0.893 7.28 8.260 3.300 1.100 5.223 
7 1.3 0.893 7.28 12.00 3.300 0.871 4.136 
*Thls value leads to = I600; taking = 4400, as already 
described, leads to = 0.36^. 
Table 30» Calculations leading to Qp at Ionic strength l.OOH 
Expt Temp [H+] lo3[Pe3+] 10^[HF] lO^CFePg"*"] 103[pep2+] Qp 
No. °C M M M M M 
2 1.3 0.7916 6.852 0.8424 1.6 1.194 163 
3 1.4 0.7927 5.793 1.794 6.3 2.216 169 
4 1.3 0.7937 4.932 2.916 14 3.008 166 
5 1.3 0.8960 4.375 3.039 12 2.727 184* 
6 1.3 0.8967 3.737 4.559 21 3.281 173 
7 1.3 0.8977 2.959 7.320 40 3.8799 161 
Av = 166 + 4 
^Thls number was not Included In the average value for Qp. 
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assuming second order rate laws, can be derived from Eqs 48 
and 49, by division. The result Is shown In Eq 50, 
- - kpeNc [PeN2+ ][Eu2+] (48) dt rew] '- 3 
.d[Pep2+] 
kpeP [PeP2+][Eu2+] (49) 
dt 
d[FeNi2+] _ kpeNi [PeN]2+] 
A[PepZ+] kpeP [PepZ+J 
( 
The depletion of Eu(II) by reaction with Pe3+ Is negligible 
during the times required for reaction with PeN^2+ ^ nd Pep2+, 
Integration of Sq 50 yields Eq 51. where the subscripts A 
In 
[PeN]Z+]A 
(51) 
In 
[pep2+] k FeF 
[PeP2+]o 
denote concentrations Immediately after all the Eu(II) has 
been oxidized, but before Iron(III) complexes re-form or 
aquate. The quantities in Eq 51 were evaluated from photo­
graphs like the one shown in Pigure 13. The lines in Plgure 
13 , from top to bottom, are the oscilloscope deflections 
caused respectively by the following solutions: Pe(III) 
reagent only (containing HN^ and HP), mixed solutions while 
the reactant syringes are moving forward (e.g. Eu(II) has been 
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Figure 13. An oscilloscope trace showing the absorbances 
of PeN^2+_pep2+ solution at equilibrium, after 
dilution and reaction with Eu2+ (both before 
and after equilibrium was established), and of 
Eu2+ solution 
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oxidized, but the complexatlon equilibria have not been re­
established), the mixed solutions at equilibrium, and Eu(II) 
reagent only. The absorbances attributed to the lines are* 
from top to bottom, respectively, D, A, D/4, and 0. The 
equilibrium absorbance D/4 arises from the shift in the equi­
libria described by Eqs 5 and 46 upon dilution; the total 
Iron(III) concentration was much greater than the Eu(II) con­
centration, so the effect of mixing on the complexatlon 
equilibria was that of dilution only (see Table 31 for ini­
tial Fe(III) and Eu(II) concentrations). The quantities 
needed for evaluation of kp^p from Eq 51 were obtained from 
oscilloscope deflections like those shown in Figure 13, 
according to Eqs 52 and 53» where [PeX^+Jg values were 
[PeN^Z+la = g (52) 
[Fep2+]^=[PeF2+]g. [Eu2+](,-([PeNj2+]|j.[peNj2+]^) (53) 
calculated from and [EU^'^'Iq was obtained by analysis. The 
results of the experiments are shown in Tables 31 and 32. The 
values of A/D predicted for experiments 6 and 7 In Table 31 
are .50 and 0,0, on the basis of Initial concentrations of 
Eu(II), FeN^^*, and FeF^*; the observed values, .490 and 
0.007, are in fair agreement. The average value for kpgp, 
from Table 32, is kpgp = (1.9 ± 0.3)xlo'^M~^sec~^; kp^p appears 
to be independent of [H^] in the range 0.15 < [h"*"] < 0.50M. 
Table 31. Data on the competitive oxidation of Eu(II) by Fep2+ and PeN^2+ at 
1.6°, l.OOM ionic strength 
Expt 
No. 
1 
1 
1O5LEU(II)]Q 
K 
105[PeN^2+]Qa 
M 
10^[Pep2+]Q^ 
M 
10^[Pe(III)] 
M 
A/D 
obsd 
1 0.15 6.05 3 .635  7.58 1.12 0.250 
2 
o
 
O
 2 .43  3.635 3.35 1.08 0.375 
3 0.50 2 .835  3.635 1.69 1.06 0.250 
4 0.50 3.351 3.635 3.35 1.08 0.306 
5 0.50 6.13 3 .635  6.75 1.12 0.250 
6 
o
 
o
 0.0 3.6 0.0 1.0 0.490 
7 0.50 10 3.6 3.4 1.1 0.007 
^Calculated using = 0.36^. 
^Calculated using Qp = l66. 
Table 
Expt 
No, 
32. Calculations for the competitive oxidation of Eu(II) by Pep2+ and FeN-a2+ 
at 1.6°, l.OOM ionic strength 
LH+] 
M 
105[PeNo2+]A' 
M 
105[PeFZ+]j 
M 
kpeN^/kpeP lO-fkpapC 
M-1 sec -1 
1 
2 
3 
4 
5 
0.15 
0.50 
0.50 
0.50 
0.50 
1.818 
2.726 
1.818 
2.225 
1.818 
3.347 
1.829 
0.672 
1.409 
2.437 
0.848 1.42 
0.476 2.52 
0.751 1.60 
0.567 2.12 
0.680 1.76 
Av = 1.9 4- .3 
VÛ 
CD 
^Calculated according to Sq 52. 
^Calculated according to Eq 53 * 
^Calculated using = 1 = 2x10*^. 
I 
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The value for kpgp in the Cr(II) reduction of PeF2+ was 
obtained In the conventional stopped-flow manner. The re­
sults of the experiments at 1.6° are listed in Table 33* 
Table 33. Kinetic data on the reaction of Cr(II) with Pep2+ 
at 1.60, x.OOM ionic strength 
Expt 10^[Cr(II)3o lO^tPepZ+Jo* 
I—
1 
lÔ'-^kpep 
No. M : M M M W^sec"! 
1 6:66 2,55 10:4 0:10 8.7^ 
2 6 AO 3.50 10.4 0.985 5.48 
3 6.24 2.55 10.4 1.00 7.02 
4 5.42 7.00 12.3 1.00 7.42 
5 5.20 3.00 5.26 1.00 6.16 
6 5.20 2.55 10.4 1.00 9.00 
7° 3.63 3.50 6.15 1.00 7.68 
8 2.12 5.35 13.5 1.00 ?.20 
Av = 7.6 + 1.1 
^Calculated using Qp = l66, 
^Estimated from initial slopes of the plot suggested by 
Eq 16, using an estimate for D«, . The uncatalyzed aquation 
(Table 9 ) at .10[H^J interfered with evaluation of kpgp. 
^The rate constant was calculated assuming rCr(II)1n = 
[FeP2+]Q = 3.56X10-5M. 
The calculated values for kp^p are badly scattered, but no 
trends with concentration changes are noted. The initial 
concentrations were varied by factors of 3. 3, and 10 for 
Cr(II), FeP , and H , respectively. Experiments were done 
with [Cr(II)Q > [Pep2+]o and with [Cr(II)]o < [Pep2+]o. The 
average value for the rate constant Is kpgp = (7.6 + 1.1) 
100 
xloV^ — "sec 
The chromium product of the reaction between Cr(ll) and 
?+ ?+ 
FeF was found to be exclusively CrP , by the ion exchange 
technique described In the experimental section. The product 
was prepared by mixing 0.004M Pep2+ with O.OO296M Cr^* 
(O.OO362M Pe3+, O.65M H^t l.OOM Ionic strength, after mixing) 
at 1.6°. Prom the Ion exchange separation, 0.222 mmoles of 
Cr^^ yielded .219 mmoles of CrP^^ (Identified by the visible 
spectrum), for a 98.5% yield. The expected yield, assuming 
quantitative formation of Crp2+ by the FeP path is 99.4#. 
The expected yield was calculated from Eq 5'^» where 
d[peF2+] kpep [Fep2+] 
d[Pe3+] k' [Pe3+] 
[Fep2+] kpeP [Pe^+l 
In — = In — (54) 
[PeP2+]o k' [Pe3+]o 
k* = 1.49x10^ MT^sec"! = the composite rate constant for the 
uncatalyzed reduction of Pe^* in .65M H"*". The observed and 
expected yield are in good agreement. 
Bromide 
Values for and k^ (Eqs 55 and 56) were needed for the 
Pe3+ + Br- = PeBr2+ kf, k^^ (55) 
1 _ [PeBr2+] 
Q 
LPe3+]LBr-] 
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study of bromide catalysis of the reduction reaction of Iron 
(III). These quantities are also of considerable Interest In 
their own right. The measurement of these quantities Is 
described below. It Is Important to state that these numbers 
are difficult to evaluate since Is small. The measure­
ment was further complicated by the existence of significant 
concentrations of outer-sphere Fe^'*'*Br~ complex in solutions 
containing the high bromide concentrations needed to evaluate 
Qgj, and k^. The formation of the outer-sphere complex was 
assumed to conform to Eqs 57 and 58. 
Fe 3+ + Br" = Pe^+'Br" (very rapid) (57) 
[Pe3^][Br-] '58) 
Five distinct types of experiments were done to measure 
different kinetic and equilibrium aspects of the complexation 
reactions. The studies were as follows: (1) k^q for the 
reverse of Eq 55 was evaluated by studying the rate of ap­
proach to equilibrium under conditions where very little 
FeBr^* was formed, (2) kf for Eq 55 was evaluated from the 
very rapid oxidation of Cr^* by FeBr^"** under conditions where 
formation of FeBr^^ was the rate limiting step, (3) Qgj. was 
evaluated from the yield of CrBr^* when Cr^"*" was mixed with 
equilibrium solutions of FeBr^* under conditions where the 
reaction of Cr^* and the PeBr^* initially present was the 
major reaction leading to CrBr2+, (ij,) the sum (qJj. + Qg^) 
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was evaluated from spectrophotometrlc measurements at high 
and varying concentrations of Br", and (5) molar extinction 
coefficients, and were evaluated from the meas­
ured absorbances of 4 solutions; the separate Pe^^ and Br" 
reactant solutions, the freshly mixed reactants containing 
ion pairs but not inner-sphere PeBr^*, and the mixed solu­
tions after equilibration with respect to Eq 55t containing 
both inner and outer-sphere complexes. 
The rate law for approach to equilibrium by Eq 55 has 
been reported (37) and is shown in Eq 59, Since the equi-
d[PeBr2+] , 
— = kr[Pe3+][Br-] - lc^q[PeBr2+] (59) 
llbrlum constant Qgp is known to be small (36), kinetic 
experiments can be devised in which only a small fraction 
of Br" or Pe^^ is complexed at equilibrium. Such experiments 
measure k* alone, as shown in an earlier section. The re-
aq 
suits of a series of measurements of k* are shown in Table aq 
34. 
A series of experiments were done to measure kf in l.OOM 
H"*" at 1,6®, The value of (to be discussed later) in 
the Cr(II) reduction of FeBr^"*" is greater than 2x10? W^sec"^ 
at 1.6°, and the value of k* for uncatalyzed Cr(II) reduction 
of Pe(III) is much smaller. Solutions containing Cr(II) and 
Br" were mixed with Pe(III) solutions and the rate of dis­
appearance of Fe3+ was monitored at 2500-2400^. The rate 
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Table 34. Rate of approach to equilibrium by solutions con­
taining iron(III) and bromide ions, In l.OOM H+ 
Expt Temp lo3cj,g ^Br= Type of "ôbsd 
No. OC M M expt* sec-1 
1 1.6 14.2 0.0142 dilution 10.4 
2 1.6 25.6 0.0256 formation 11.3 
3 1.6 3.00 0.133 f ormation 10.9 
k 1.6 2.00 0.200 dilution 10.7 
5 1.6 1.00 0.400 formation 11.1 
6 1.6 0.800 0.500 formation 10.5 
7 15.8 51.2 0.080 formation 55 = 6 
^See experimental section. 
behavior was described by Eq 29, where the observed rate con­
stant for Pe3+ reduction contained a significant contribution 
from the kf term. The results of the experiments were very 
imprecise due to the electronic instability of the stopped-
flow apparatus at the sensitivity required for observation of 
the changes. The data are shown in Table 35. The values for 
Table 35. The rate of formation of PeBr^* from Pe^* and Br" 
at 1.6°, l.OOM H+ 
Expt [Br-] 10^[Cr(II)]o lo5[Pe(III)] 
^obsd kf[Br-]' 
No. M K M sec-1 sec"*l 
1 0.15 1,66 2.00 0.307 0.0521 
2 0.30 0.925 1.50 0.299 0.111 
3 0.35 1.80 2.00 0.515 0.105 
4 0.50 1.15 2.00 0.497 0.182 
^•See text. 
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kfLBr"] were calculated from Eq 29, where values of all the 
quantities except were known. The value of k' is 1.05xl03 
M~^sec~^ from Table 11, and the value of kgy is 3900 M~^sec~^, 
as will bo shown later. A plot of k^[Br""] vs [Br"] is shown 
in Figure 14. The solid line in Figure l4 was chosen as the 
best fit, leading to kf = 0.34+0.03 H'^sec"! in l.OOM at 
1.6°. Assuming in Table 34 is of the form kobsd = ^f 
[Br"]+k^q, and using kf=0.34, the average value computed for 
k^q from Table 34 is 10.7 sec~^. These values for kf< and k^^ 
imply = (0.34+0.03)/l0.7 = 0.032+0.003 M"!. 
The value of was determined independently by a 
product analysis technique. Solutions containing FeBr in 
equilibrium with Fe^^ and Br" were mixed (In the stopped-flow 
mixer) with solutions containing an excess of Cr^"*", The con­
centration of CrBr2+ the resulting solutions, determined 
by the ion exchange procedure already described, was not a 
1 2+ direct measure of Qgp because the reaction of excess Cr 
with Fe^^ in the presence of Br" also formed some CrBr^"*" by 
the anion path (Table 12). The reaction of Cr2+ with O2 dis­
solved in water in the presence of Br" ions was also shown to 
produce some CrBr^"*". 
The relative concentrations in the product analysis 
experiments measuring were as follows: [FeBr^*]^ < 
[Cr2+]o < [Fe(III)]Q. The total [CrBr^+J in the product 
solution was assumed to form in the following ways; (1) The 
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from Fe3+ and Br~, and [Br"]. The lower line is 
the line of best fit. The upper line was chosen 
as more correct on the basis of product analysis 
experiments 
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very rapid oxidation of by the FeBr^* in the Fe(III) 
solution at the Instant of mixing, (2) oxidation of excess 
Cr(II) by the anion path, and (3) oxidation of excess Cr(II) 
by PeBr^* formed after the initial PeBr^* was reduced. The 
last two pathways were minimized by using solutions with high 
[Pe(III)], low [Br^], and low excess [Cr(II)], but were not 
eliminated entirely. The CrBr^* found in the direct reaction 
of FeBr2+ and Cr^"^ was computed by an iterative procedure: a 
value for Qgj. was assumed, permitting calculation of the con­
centrations of all reactants in the mixed solutions immedi­
ately after the reduction of the PeBr^* initially present. 
These concentrations, together with previously measured rate 
constants for k', kgj. and the value for kf consistent with 
k^q = 10.7 sec"l and the assumed value for were used to 
calculate the concentration of each species as a function of 
time, until the Cr^* was consumed. A Runge-Kutta numerical 
method (see Appendix A) was used to do the calculation. The 
total [CrBr^*] calculated was compared to the observed quan­
tity and a new value for Qgj. was selected for the next calcu­
lation. The process was continued until the calculated and 
observed CrBr^* concentrations were the same. The convergent 
results are shown in Table 36. Also shown in Table 36 are the 
results of two divergent calculations, to demonstrate the 
sensitivity of the calculation. The average value for Qgj, 
from Table 36 is 0.039 from the kinetic measurements. 
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Table 36. Results of Qgj. measurements at 1.6°, l.OOM 
by product analysis 
Expt r ® Cpe ^HBr lo \cr(II)]o 104[CrBr2+]oysa 
No. M M M M 
1° 0.0300 0.111 5.75 3.60  
IG 0.0300 0.111 5.75  3.60 
1 0.0300 0.111 5.75  3.60 
2 0.0250 0.133 3.85  3 .59  
3 0.0300 0.111 3.89  3.18 
Expt Assumed 
QBr,M-l 
104[CrBr2+]caica 
M 
lo4[CrBr2+]cor* 
M 
Cale 
O&r.M-l 
1° 0.04 4.016 2.21 0.0334  
1° 0.02 2.935  1.99 0.0301 
1 0.0319 3.602 2.103 0.0319 
2 0.0473 3.591 3.099 0.0473 
3 0.0373 3.187 2.444 0.0373 
®A11 concentrations listed are those in the mixed solu­
tions . 
^The value of LCrBr2+]cor = [CrBr2+]caioa - [FeBr^+lo, 
where [PeBr2+]Q is the calculated value, based on the assumed 
Qgr' 
^Results of non-convergent calculations. 
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it is 0.032 + 0.003 The average value, = 0.014, was 
chosen for use In further calculations. The dotted line in 
Flinire 14 corresponds to this number. The value to be used 
for kf in further calculations is kf = (0.03^ M'"^)(10.7 sec"-'-) 
= 0.364 M-lsec-1. 
, o 
A series of absorbance measurements at 4050A, the wave­
length of maximum absorbance for PeBr^^ (36), were made at the 
temperatures 1.6°. 15.6°, and 25.0°, in solutions of l.OOM 
ionic utrcongth. The results are shown in Table 37. A. plot 
of e vs s/LHjyg (see Eq I3) was expected to give values for 
^FeBr '^Br' the azidoiron system. The plot, shown in 
Figure 15 gives much larger values of Qgp than determined by 
the kinetic or product analysis method, although smaller than 
determined by Lister and Hivington (36), who found = .6l 
at 25°, ionic strength 1.2M. The presence of an outer sphere 
complex, Fe^^'Br", was proposed in an effort to account for 
Pe3+ + Br- ÎÎ Pe^+.Br" 
LPe^+.Br-] 
" [Pe3f][Br-] 
the apparent value of Qgp derived from the spectrophotometric 
data. Evidence for an absorbing species formed immediately 
upon mixing Pe^^ and Br" was obtained by stopped-flow measure­
ments . The oscilloscope trace deflections caused by the fol­
low! n;-; solutions were observed: (1) Pe^"*" reagent only, (2) 
lir" reagent only, (3) freshly mixed Pe^^ and Br" reagents, 
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Figure 15. Spectrophotoraetric data leading to evaluation 
FeBr 40$0& and the sum + Qg^ at the 
temperatures 1.6, I5.8, and 25,0°, denoted by 
A, 0, ando , respectively 
Table 37» Results of absorbance measurements on FeBr^* solutions at ionic 
strength l.OOM, at 4050A 
Expt 1030p,g ^Br 
, 1. 
ëa  
6° , 
E/[a]=s* G ë  
80 > 
/[R]xs 
' 25. 
a 
0° , 
1 7.25 0.0799 13-2 165 18.2 228 23.6 295 
2 7.28 0.1332 21.1 158 29.1 218 37.6 282 
3 7.28 0.173 26.9 155 37.4 216 48.2 279 
4 7.26 0.200 30.4 152 42.6 213 54.6 273 
5 3.64 0.533  77.7 146 107 201 131 246 
6 3.64 0.800 109 136 150 188 181 226 
7^ 50.0 0.0200 7.52 150 10.88 218 14.0 280 
*8ee text. 
^Total absorbance at each temperature was corrected by subtracting 
the absorbance of an identical iron solution with HCIO4 substituted for 
the HBr. 
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continuously observed by continuously driving the reactant 
syringes, and (4) mixed Fe3+ and Br" solutions that had 
reached equilibrium with respect to Eq 55= In the absence 
of a quickly formed absorbing species, deflection (3) above 
would be expected to be midway between deflections (1) and 
(2). The results of the experiments are described in Table 
38. The data In the table show that species form quickly 
that absorb li^ht at all the wavelengths listed except 4040^, 
The absorbance is assumed to be caused by Pe^+.Br". After 
obtaining evidence for the existence of the outer sphere com­
plex, the plot shown In Figure 15 was reinterpreted, accord­
ing to the following equations. Equation 60 applies if [Pe^*] 
[Fe3+] + [PeBr2+] 4- [Pe^+'Br"] 
^ ^ ^ ksr^Br + ^FeBrQBr ^ 
r + Qsr (QBr+QBr)[Br-] 
is the limiting reagent; Eq 6l is more general. Equation 6l 
« . * 'PeBr'^Br ' (61) 
«Br + «Br 
shows that the slopes in Figure I5 lead to the sum Qgj. + Qg^, 
and (since = 0 at 4050A) the Intercept is ( ®peBr^ 
(Qgr+Qgy). Thus, Eq 6l permits evaluation of Qgj. at 1.6° and 
i o 
®PeBr 4050A from Figure 15, assuming the previously estab-
Table 38. Absorbances of Pe3+ and Br" solutions separately,, and of mixed Fe3+, 
Br- solutions at 1.6°, l.OOM H+ 
Expt lO^Cpe^' Oscilloscope deflections^ Absorbance In 2 cm cell& 
No. J MM Fe3+ Br" Fresh Equll. Equll. 
mixture mixture Pe^* Br~ mixture 
1 4050 100 0.16 1 0 0 17 0® 
2 3300 100 0.16 23 0 18.5 25 0 .18® 
3 2700 1.529 1.00 10.5 0 6.0 6.5 0.559 0.021 0.312 
4 2600 1.529 1.00 19.0 0 10.6 12 0.960 0.046 0.529 
5 2580 1.529 1.00 19.5 0 10.4 12 1.040 0.054 0.572 
^Monochromator wavelength setting. 
^Concentrations before mixing. 
^Arbitrary units. 
^Measured by Cary recording spectrophotometer. 
^Calculated rather than measured. 
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llshed value Qqj. = ,03^ at 1.6°. The slope and Intercept 
of the 1.6° line In Figure 15 are -4.35.and 702; thus, Qgr + 
Qbj. = 1/4.35 = .230, Qgp = .230 = .034 = .196. The calculated 
value for Is (702)(.230)7.034 = 4750 M-lcm'l. If 
Is assumed to be Independent of temperature, then and Qg^ 
can also be evaluated at the temperatures I5.8 and 25.0° by 
application of Eq 6l. The results are expected to be only 
approximate, due to the scattered data and long extrapolations 
necessary for obtaining the Intercepts In Figure I5. 
Table 39» Values for and Qsr determined from Figure 15 
and Eq6l , assuming ^ = 4750 at each tem­
perature, and = .034 at 1.6° 
Temp Slope of Intercept «Br Qsr 
°G line of line M-1 M-1 
1.6 
-4.35 702 0.034 0.20 
15.8 -3.85 870 0.048 0.21 
25.0 —2.68 787 0.062 0.31 
25.0a -1.65 495 0.063 0.54 
*Re-calculated from the data of reference (36), obtained 
at 1.2M Ionic strength, maintained with NaClO^. 
The values for Qgp and at 1.6° were used to calculate 
approximate molar extinction coefficients for both FeBr^* and 
Fe^^'Br"; the calculations are shoxvn in Table 40. The calcu­
lation procedure Is as follows. Column C was calculated by 
comparing the number of units of oscilloscope deflection for 
Fe3+ and for the equilibrium mixture, to the absorbances of 
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'lYibl,^ ' 10 .  Calculation of molar extinction coefficients for 
Pe 3+. Br" and Fe3r2+ 
A li C& na 3% 
\ From stopped :-flow 
Jixnt 0 (Abs/crn)/unit (Abs/cm) (Abs/cm) 
IJO . A due to due to 
both com­ Fe3+.Br" 
plexes 
3 2700  0 .0250  0 .043  0 .029  
2600  0 .0220  0 .077  0 .043  
2^8o 0 .0235  0 .082  0 .0405  
A 
P'rom Cary 
•;xpt (Abs/cm) 
i-:o. due to 
both ooa-
ulezos 
Corrected 
value 
(Abs/cm) 
due to 
(Abs/cm) 
due to 
FeBr 2+ 
ja 
FeBr 
M-lcm~l 
ja 
el 
FeBr 
M-lcm-1 
3  0 . 0 2 5  
4 0.037 
5 0.0385 
0 .017  
0 .021  
0.019 
0 .008  
0.016 
0.02 
2500 
3000 
2800 
6800 
14000  
IbOOO 
a • 
.JGO text for the method of calculation. 
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the same solutions measured with the Gary spectrophotometer. 
The numbers shown In Column D were calculated by Eq 62 where 
° = y.m-Uï]  
C Is the number In column C of Table 40, e and 1 are the 
deflections reported in Table 38 for the equilibrium mixture 
and the iron reactant respectively, 7.645xlO"5 = Cp@ in the 
mixed solution, and 6.845x10-5 = [Pe3+], calculated using 
Qgj. T Qgj. = 0.23#"^. Column E was obtained by uSirig Eq 63» 
E = C(f) - C(i) 6.965x10-5 f11 (63) 
7.645x10-5 ( 2) 
where f is the deflection reported in Table 38 for the freshly 
mixed reactants and 6.965x10-5 = [Pe^], calculated using Qg^. 
= 0.20 M"^. The numbers listed in column F were calculated 
by Eq 64, where X, Y, and Z are the absorbances/2 cm reported 
F = (X-Y) - (Z-Y) 6.842x10-5 ri 7 ni (64) 
7.645x10-5 ( 2 J 12) 
in Table 38 for the equilibrium mixture, Br- reactant, and 
Fe^* reactant, respectively. The absorbances in column F, 
measured with the spectrophotometer, were considered more 
accurate than those in column D, and were taken to be correct. 
The values in column E were assumed to be in error by the same 
factors as those in D; corrected absorbances for Fe^^'Br-, 
shown in column G, were calculated by Eq 65. The numbers in 
G = (E)(F/D) (65) 
column H were calculated by Eq 66. The molar extinction 
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H = F - G (66) 
coefficients in columns I and J were calculated on the basis 
of Qgj. and = .034 and .20 leading to [Pe^+.Br"] = 
6.8xlO""^M and [PeBr^^] = 1.2xlO~^M in the equilibrium solu­
tion. 
The bromide calalysis of the iron(III), europlum(II) 
reaction by the anion path (see Table 12) was measured at 
1,6, 1,5.8, and 25.0° In solutions containing 1.0 M H"*". The 
values for were calculated according to Eq 31 and are 
shown in Table 4l. The two experiments at 25° lead to an 
Imprecise estimate for kg^, but the average values at 1.6 
and 15.6°, (5,5 + 0.8)xl03 and (2.1 + 0.7)xl0^ M-^sec"!, 
respectively, allow the value kg^ = 4.6x10^ M^^sec"^ at 25^ 
to be calculated, assuming In(kgr) decreases linearly with 
T"l. The value kgp = 4.6x10^ M~2sec~^ is not inconsistent 
with the experiments done at 25°. The dependence of kgj. on 
[H^] was not investigated, because values for kf were known 
only in IM Because none of the other rate constants 
measured in this study were dependent on [H"*"], kgr was 
assumed to be rimilarly independent. The activation parara-
eters AH = 14 kcal/mole and As = lo eu were calculated for 
kgp, using Eq 9 . 
The general approach for measuring kpg^ (see Table 12) 
was to mix an equilibrium solution of FeX^* with Eu2+ and 
assume the only significant path for FeX^"*" concentration 
Table 41. Results of experiments measuring kgj. for the reaction between Eu(II) 
and Fe(III) in l.OM H+ 
Expt Temp [Br-] 1O3[EU(II)]O lo3[Fe(III)]o in-4% a *corr 
No. OC M M K M-lsec-1 M-lsec-1 M-^sec-l 
1 1.6 0.200 4.18 1.00 0.699 0.697 0.64 
2 1.6 0.291 5.15 1.00 0.761 0.759 0.66 
3 1.6 0.400 4.35 1.00 0,737 0.733 0.41 
U. 1.6 0.500 2.35 0.200 0.851 0.846 0.55 
5 1.6 0.640 4.25 1.00 0.904 0.898 0.52 
1.6 Av= 0 .55+0.08 
6 15.8 0.0500 2.89 0.400 1.31 1.30 1.8 
7 15.8 0.0750 3.77 0.400 1.38 1.37 2.1 
6 15.8 0.100 3.17 0.400 1.54 1.53 3.2° 
9 15.8 0.100 2.21 0.200 1.49 1.48 2.7 
10 15.8 0.200 1.93 0.200 1.43 1.40 1.1 
11 15.8 0.300 1.97 0.200 1.71 1.67 1.5 
12 15.8 0.400 1.70 0.200 1.63 1.56 0.88C 
13 15.8 0.500 1.39 0.200 1.86 1.76 1.1 
15.8 Av= 2 .1+0.7 
14 25.0 0.500 0.211 0.0300 5.71 4.41 4.7 
15 25.0 0.500 1.85 0.200 3.34 3.19 2.3 
^Calculated according to Eq 30» with kf values taken from Table 
^Calculated according to Eq 31, with k' values taken from Table 9. 
*^Not included in the average value. 
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changes was the Eu2+ reduction path. However, the Eu2+ re­
duction of FeBr2+ was not fast enough to Justify that assump­
tion (see Eqs 32 and 33). Three different methods used to 
estimate ^peBr without the assumption were: (1) some of the 
data at 1.6® were treated according to a more complete Inte­
grated rate law, (2) all the data were fitted to Eqs 32 and 
33 using a trial and error Runge-Kutta numerical method (see 
Appendix B), and (3) the data at 25^ were treated according 
to an Integrated rate law based on the assumption that 
[FeBr2+] was constant during each experiment. 
Application of method 1: two types of experiments were 
done at 1.6°. In some experiments an PeBr2+ solution was 
mixed with an Eu(II) solution and the decrease in [PeBr2+] 
was observed at Its absorption maximum (4050&) just as in 
experiments to measure other kpg% values. The concentration 
conditions [Pe(III)]Q > [EU(II)]Q > [FeBr^^"]^ were used; the 
more desirable condition, [Eu(II)]g > [Fe(III)]g, was not 
practical because it would cause the absorbance change to be 
too small or the reaction time to be too short. The concen­
trations of Fe^*, Eu2+, ^nd Br" were assumed to be nearly 
constant during the depletion of the FeBr^* present at the 
Instant of mixing, and Eq 68 was derived, following the method 
of Guggenheim (42). 
-d[FeBr2+] 
— = (kFeBr[Eu2+]+kaq)[FeBr2+] _ k^[Fe3+][Br-] 
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kpeBr[Bu2+] + ^ âq = P = constant (67) 
kf[Pe3+][Br"] = a = constant 
(e [FeBr2+]t -a) = (g [PeBrZ+lg - a)e"9t 
(g [PeBr2+]t+^ - a) = (B [FeBrZ+lq - a)e-9(t+T) 
T = a constant time Increment 
[PeBr2+]t - [FeBr2+]^_^^ = ^  (p [PeBr2+]Q_ ^  )e-P^(l-e"P'^ ) 
ln([PeBr2+]t - [FeBr2+]^_^^) = A* - gt 
A' = a constant 
ln([PeBr2+]. - [PeBr2+]..T ) = In 
Dq-Doo 
= oscilloscope deflection at a time t. 
A = A' + ln(DQ-Doo ) = a constant 
ln(Dt_Dt+T) = A - pt (68) 
According to Eq 68, the slope of a plot of In(Dt-D^^j) vs 
time Is p; was evaluated from p, [Eu^*], and k^q, 
according to Eq 67. The results of the two experiments 
treated according to Eq 68 are given In Table 42. The value 
for kpggy at 1.6° was taken as 1.4x10^ M~lsec~l; kpggj, was 
assumed to be Independent of [H^]. 
Application of method 2: experiments were done at 1.6, 
15.8, and 25.0°, using a different procedure than was used 
Table 42. Results of experiments measuring kpeBr for the reaction between 
PeBr2+ and Eu(II) In l.OOM H+ at l.ô®, calculated according to 
Eqs 67 and 68 
Expt 
No. 
[Br-] 
K 
10^[Eu(II)]o 
M 
104[PeBr2+]Q 
M 
lO^FedlDlo 
M 
e 
sec-l 
lO-^kpeBr 
M"lsec-1 
1 0.500 0.285 0.070 2.13 43.2+6.5^ 1.3 
2 0.500 0.522 0.070 2.13 81+13 1.4 
^The indicated uncertainty is the average deviation from the mean in 
repeat experiments using the same set of reactant solutions. 
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for the experiments described in Table ^2. A solution con-
tainin.'-; an equilibrium mixture of Fe^+, PeBr2+,and Br" was 
ini'ved vith a solution containing Eu(II) and Br": the concen­
tration of Br" was the same in each solution so FeBr^^ was 
at its equilibrium concentration at the instant of mixing. 
The progress of the reaction was monitored at 2700-2560^, 
v.'hore r.lr': specie;- Fe^"*", FeBr^"^, and Fe^^'Br" absorb. 
A r{i.in.-;:o-Kvitta numerical procedure (see Appendix B) was used 
i.o cnirpa fi-; h he obs e rved a bs or ban ce chan.<es with those pre­
dicted by the measured rate constants kgy, k^q, and , the 
measured extinction coefficients, and an assumed value for 
kpppr. The value = 1.4x10^ HT^sec"! was taken as 
correct at 1.6°. The results of the final calculations, 
us in,; the values for kp^Br 9-t 15.8 and 25.0° that lead to the 
best agreement between observed and calculated absorbances 
are shown in Table 43. The sensitivity of the a^'-'eement to 
the choice of was poor; the sensitivity is demonstrated 
b.y cal eu la f. ion s shown in the table usin# poor choices for 
^FeBr» the thirteenth experiment. 
Application of method 3 : The Run%e-Kutta treatment 
Inninat'-Hl that the PeBr2+ concentration in the experiments 
at -'a:- relatively constant, never falling belov; 85% of 
t h e  i n i t i a l  c o n c e n t r a t i o n .  E q u a t i o n  69  was derived, assuming 
and [_F'eDr""*'] were constant during an experiment. 
Table Cbserved and cal culsted abs orbance ? (arbitrary rcale) in er-ceri TPer.t s 
TT.ea.y.ir in t r e r a te of t he bro~ide catalyzed red uc~ion of FeUlI ) ' by 
Zu(II), ir. l.OOy iH-
E-"ct Terzr 10"'-' * ?ir(3 ir-" 10^'-
.[?e3r2+] 
Abs~ 
-'o, O Q ••^PeBr after LÎ-'(II)] L?e(IIl)1 calcd obsd 
M 1 
?ec-l 
mixin?, 
msec 
K M K 
•j 1.6 0. 500 1.^ 0 2.35 2.06 7.00 3.OB 3.08 
5 2 .71  2.06 5.63 2.38 2.38 
10 2.59 2.06 4 .60 1.86 2.02 
80 0.97 2.02 1.15 0 .06  0.03 
2  1 .6  0. 500 1.4 0  5.22 2.06 7.00 3.40 3.40 
5 4.97 2 .06  4„80 2 .27  2.04 
10  4.79 2.05 3.39 1.55 1.38 
60 3.83 1.9& 0.57 0.40 0.00 
3 1 .6  0.0486 1.4 0  3 .00  5 .00  0u820 6 .82  6.62 
50 2.51 4.96 0.239 5.34 5.17 
100  2.14 4.92 0.211 4.33 4.21 
200  1.55 4.86 0.252 3.05 2.84 
if 1.6 0.0810 1.4 0  3.00 5 .00  1.35 7.00 7.00 
50 2.46 4.95 0.402 5.17 5.20 
100  2.06 4 .91  0.358 4.20 4.16 
200  1.44 4 .85  0.433 2.79 2.69 
^The valije used In the Runge-Kutta calculation. 
^The value." resulting from the Runge-Kutta calculation. 
^The quantity called [Pe(III)] include? • Br"], but not [PeSr^^]. 
^The observed and calculated absorbances vrere normalized, to a common Hcale ; 
the reported values have arbitrary units. 
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Table 43. (Continued) 
Expt Temp [Br-] 10-5^ Time 10 5^ 
after LSu(ii)] 
M %-l mixing, 
sec-1 IT) se c 
5 1.6 0.110 1.4 0 
50 
100 
200 
3.00 
2.40 
1.99 
1.35 
6 1.6 0.140 1.4 0 
50 
100 
200 
3.00 
2.35 
1.92 
1.27 
? 15.8 0.05 2.3 0 
50 
100 
200 
5.70 
4.38 
3.^0 
2.06 
8 15.8 0.075 2.3 0 
50 
100 
200 
3.20 
î 2.34 
• 1.72 
0.92 
9 15.6 0.100 2.3 0 
50 
100 
200 
3.23 
2.28 
1.62 
0.80 
10 15.6 0.120 2.3 0 
50 
100 
200 
3.20 
2.19 
1.51 
6.95 
11 15.8 0.170 2.3 0 3.91 
50 
100 
200 
2.5^ 
1.66 
0.6? 
1 0 ^  * 1 0 ^  A b s * ^  A b s ^  
[PedlD] =,?e3r2+] calcd obsd 
5.00 1.83 7.15 7.15 
4.95 0.553 5.02 5.30 
4.91 0,496 4.00 4.09 
4.85 0.608 2.55 2.40 
5.00 2.32 7.20 7.20 
4.95 0.712 4.76 5.05 
4.91 0.645 3.69 3.79 
4.84 0.801 2.23 2.04 
3.50 0.830 1.23 1.23 
3.37 0.283 0.887 0.678 
3.27 0.321 0.658 0.608 
3.14 0.399 0.344 0.292 
3.50 1.24 6.62 6.62 
3.42 0.614 4.22 4.27 
3.36 0.690 2.80 2.74 
3.27 0.837 0.98 0.90 
3.50 1.64 6.94 6.94 
3.41 0.825 4.23 4.28 
3.35 0.938 2.74 2.68 
3.26 1.15 0.91 0.77 
3.50 1.95 7.05 7.05 
3.41 1.01 4.14 4.56 
3.34 1.15 2.61 2.72 
3.25 1.42 0.82 0.74 
3.50 2.73 9.42 9.42 
3.38 1.31 5.36 5.38 
3.29 1. 54 3.43 3.03 
3.18 1.98 1.33 0.96 
Table 43. (Continued 
Expt Temp [3r-] 10-^^ 
kpe3r 
K-1 
sec--L 
Time 
after 
mixing, 
msec 
10 5^ 
L3u(II)] 
K 
104b,c 
[Fe(III)j 
M 
10^" 
;_Fe5r2+] 
M 
A"bs^ 
calcd 
Abs^ 
obsd 
12 25.0 0.03 3.3 0 1.20 1.20 0.220 5.05 5.05 
100 0.650 1.17 0.161 3.45 3.41 
200 0.648 1.15 0.169 2.37 2.34 
0.065 
420 0.332 1.11 0.183 0.89 0.87 
13 25.0 3.3 0 1.20 1.20 0.470 4.87 4.87 
100 0.811 1.16 0.353 3.02 3.08 
200 0.550 1.14 0.375 1.88 1.92 
420 0.233 1.10 0.409 0.51 0.55 
13 25.0 0.065 6.0 0 1.20 1.20 0.470 4.67 4.87 
100 0.765 1.16 0.298 2.84 3.08 
200 0.484 1.13 0.335 1.69 1.92 
420 1.168 1.10 0.395 0.40 0.55 
14 25.0 0.100 3.3 0 1.20 1.20 0.717 5.44 5.44 
100 0.747 1.16 0.551 3.08 3.23 
200 0.466 1.13 0.590 1.80 1.88 
350 0.227 1.10 0.629 0.72 0.78 
123a 
-dLii:u2+] _d[Pe^'^ ] 
dt dt 
= (k'+kg^[Br-])[Fe^+][Eu2+]+kp^g^[PeBr2+][Eu2+] 
kohnd = (k'+k3r[3r-])[Fe3+]^^ + kpgg^[PeBr2+]^^ 
^ob.d _ (k'+kBr[Br-])[Pe3+l^v 
^^FeEir ~ (o9) 
LPeBr^+]^^ 
The value;: computed for kpfjgj, computed for experiments 12, 
13, and 14 in Table ^3, using Eq 69. were 4.2, 3.5. and 
3.5:<10^ M~^sec~^ respectively; the values used for LFeBr^'^]^^ 
were tho^e calculated by the Runge-Kutta method, using kpggp= 
3. 3x10^ H-lseC^. The values calculated by Eq 69 are in fair 
agreement with that chosen by the Runge-Kutta method. The 
values of kp^j^^, at each temperature and the activation param­
eters for kp^gp are listed in Table 44. 
Table 44. Temperature dependence of kpeBr the reduction 
of FeBr^-t- by Eu(II) in l.OQM H+ 
Quantity , Temperature 1 
1^6 15.8 25.0 
kpç^p, M-lsec-1 1.4%10^ 2.3x10^ 3-3x10^ 
An^ , kcal/mole^ $.3 
Ay* , ou^ -11 
^Calculated from Eq 9. 
123b 
The rate constant kgj. for the Cr(II) reduction of 
Fe(III) was measured in a series of experiments in l.OOM H"*" 
and at 1.6°, The results are shown in Table 45* and Figure 
l6. The values for kg^», calculated according to Eq 31, are 
shown for each experiment in the table. The slope of the 
line in Figure I6, 3900 M~^sec~^, was accepted as the value 
for kgp at 1.6°. 
An attempt to measure kp^gj, for the Gr(II) reduction of 
FeBr^"^ established the lower limit kpggj. > 2x10^ N^^sec"^ at 
1.6° in l.OOM H"*". The initial concentrations in the experi­
ments were [Cr(II)]Q = 1.75x10"^, and [FeBr^+J^ = 3,5xlO~^M; 
the reaction was complete before the mixed solutions reached 
the observation point in the stopped-flow apparatus. 
The formation of GrBr^"*" as the Cr(II) product of both 
bromide paths in the reduction of Pe(III) by Cr(II) was 
verified in the following way. Three experiments were done 
in which solution was mixed with an equilibrium solution 
of Fe(III) and Br" at 1.6°, and l.OOM ionic strength. The 
FeBr present at the instant of mixing was assumed to form 
CrBr^"*" instantly; the remaining Cr(II) and Fe(III) species 
were assumed to react according to Eq 29 • with the kgj. path 
and the k^ path giving CrBr^"*" as the only Cr(III) product. 
The previously described Runge-Kutta procedure (see Appendix 
A) was used to calculate the CrBr^"^ concentration that would 
result after all the Cr(ll) had been oxidized; the calcula-
fO 
u 
Figure 16, The dependence of the rate of reduction of Pe3+ by Cr(II) 
in chloride solution ât 1.6° on [Br-] 
Table 45. Results of experiments measuring kBr for the reaction between Cr(II) 
and Fe(III) in l.OOM H+ 
Expt 
No. 
[Br-] 
K 
lo3[Cr(II)]o 
M 
lo3[Pe(III)]o 
M 
10 
M-^sec-l 
10 
M-^sec-^ 
10-3ic3^a 
M-^sec-1 
1 0.050 Ur.UrZ 0.131 1.20 1.20 2980 
2 0.100 5.00 0.144 1.67 1.66 6090 
3 0.200 4.92 0.144 2.19 2.18 5640 
I4. 0.300 4.99 0.144 2.66 2.64 5300 
5 0.400 4.67 0.131 2.47 2.44 3470 
^Calculated according to Eq 3I. 
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tion was compared to the observed CrBr^"^ concentration, 
measured by the ion exchange procedure already described. 
The results are shown in Table 46. The observed values were 
consistently higher than the calculated values, indicating a 
probable error in the rate constants chosen for the calcula­
tion. The error could be the use of low values for one of 
the rate constants or k^; k^ does have an inverse acid 
dependence (37) that was not considered in making the calcu­
lation. The observed and calculated values agree reasonably 
well ; the agreement verifies the assumption that both bromide 
catalyzed paths for oxidation of Cr(II) do yield CrBr^"*"* 
Table 46. Observed and calculated concentrations of CrBr^-»-, assuming the and 
kpeBr paths for oxidation of Cr(II) lead exclusively to CrBr2+, at 1.6° 
and l.OM ionic strength 
Expt 
No. 
[H+] 
M 
[Br-] 
M 
103 
CFeBr2+]Q^ 
M 
103 
[Pe(III)]o 
M 
10^ 
[Cr(II)]o 
M 
io3 
[airBr2+]Q^ 
calcd, M 
lo3 
[CrBr^+] 
obsd, M 
1 0.975 0.490 0.1165 4.380 1.395 1.05 1,07 
2 0.950 0.460 0.1965 7.645 1.310 0.961 1.14 
3 0.962 0.288 0.0840 4.850 1.223 0.818 0.911 
^Calculated using Qsr = 0.034- and Qgp = 0,20 
^See text for the calculation procedure. The values kf ~ 0,364 M-^sec""^, 
ksr = 3900 M-^sec-l, and k' = 1051 M"^sec""^ were used in the calculation. 
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INTERPRETATION AND DISCUSSION 
Iron(III) Substitution and Equilibrium Properties 
Azldolrondll) equilibrium and rate discrepancies 
The derivation of Eq 13 relating the absorbance of Iron 
(III)-hydrazolc acid solutions to the properties of FeN^^+ 
required the assumption that only a single monoazldoiron(III) 
complex existed In such solutions. Significant amounts of a 
dlazido complex would, however, not necessarily cause observ­
able deviations from Eq 13. Kruh (57) and Baes (58) have 
considered similar complexation equilibria and have shown 
that conditions of stability and molar absorptivities exist 
for the second complex that allow it to remain undetected in 
limited spectral experiments. Linearity of the data in the 
plot suggested by Eq 13 is a necessary result when a single 
species forms, but such linearity is not a sufficient condi­
tion for concluding that only one complex occurs. Evidence 
was obtained in this study that implicated higher complexes 
at high HN3 concentrations. 
The following conclusions have been formed with respect 
to the discrepant equilibrium and formation rate measurements, 
invoking both mono and dlazido species; (1) Only the equi­
librium studies at high iron(III) and low hydrazoic acid 
correctly evaluated the properties of the monoazldoiron(III) 
complex: = 0,512 + 0,015 and = 44-00 + I60 M'^cm-l, 
(2) the formation rate constant was correctly evaluated in 
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both formation and dilution experiments with excess Iron(III); 
the value at 0.0500M H"*" is kf = 200 + 9 M~^sec"'^ and leads to 
= 0.498 + 0.035» In agreement with the value determined In 
the equilibrium measurements as well as with the value obtain­
ed from formation experiments with high HN^ (see Figure 5)i 
(3) the formation experiments with high HN3 gave the correct 
value for kf because the first reaction is formation of mono­
azido complex; diazido forms more slowly and In a stepwise 
manner from monoazido, (4) interference of appreciable dl-
azldoiron(III) ion in the equilibrium studies with high 
and in the kinetic dilution studies with high HN3 led to 
wrong values for kf and and (5) the two Incorrect values 
for at high (equilibrium, O.6O; kinetic dilution, 
0.67) are not equal; the kinetic value contains a larger con­
tribution from the diazido complex since the diazido complex, 
which probably aquates faster than the monoazido, has a con­
centration relative to monoazido that is greater at the start 
of a dilution experiment than it is at equilibrium. 
Azldoiron(III) formation kinetics 
The form of the rate constant for aquation Eq 8 and the 
equilibrium quotient for the net reaction lead to the forma­
tion rate law given by Eq 70. Experiments were done that 
dCPeN^Z+J ^ ^ ) [Fe3+][HN3] (70) 
dt [H+J 
evaluated the quantity kxf + k2f/[H"*"] at [h"*"] = 0.05M and 25°, 
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as described above; the value is 200 + 9 M-^sec"!. The value 
10.1 sec~l can be shown to be essentially k2f, as fol­
lows. The aquation data demonstrated that the term 
accounts for less than 2t of the aquation rate at 0.05M ff*". 
The principle of microscopic reversibility dictates that the 
opposing kif term must similarly account for less than 7.% of 
the formation rate at 0.05M The small value for 
2.6 M~lsec~^, can be calculated from the value k2f = 10.1 
sec"^ at O.O^W and from Eq 71, relating the various equi­
librium and kinetic parameters. Table 4? presents a summary 
Q5,3 = ÏLF = = 11^ 2 (71) 
^laq ^2aq ^aq 
of these parameters. 
Table ^7. Kinetic and equilibrium properties of FeN]^"^ in 
Fe3+-HI^I^ solution at 25°» l.OOH ionic strength 
Parameter Value 
k2aq, sec-1 20.0 0.9 
k2f, sec~l 
o
 
o
 
(—i CM O
 
klaq. M-lsec-l 5.1 
0^ 1—1 
kif, K-^sec-l 2.6 4- o
 
00
 
0.51 + 0.01 
Gi(4600A), M-lcm-l 
O
 
o
 160 
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Reaction mechanisms 
The rate equation for formation of PeN^^"*" Indicates 
parallel activation processes as shown by Eqs 72 and 73. 
Pe3+ + HN3 = [FeHN33+]'^ = FeN^^^ + H+ (72) 
Pe3+ + HN3 = [FeN32">-]* + H+ (73) 
(An activation process Is defined(59) as the formation of an 
i 
activated complex from the predominant species present, and 
includes any steps such as gain or less of protons that occur 
prior to formation of the activated complex.) The transition 
state for the first reaction probably needs no explanation 
beyond noting the stabilizing role of hydrogen ion commonly 
found in the substitution reactions of basic ligands (1,56, 
60-64). The transition state for the second process could 
reasonably form by either of the elementary steps, Eq 7^ or 
75. If Eq 7^ pertains, the measured rate constant is kgf = 
(H20)6Fe3+ + N3- = (H20)^FeN3^+ + H2O (74) 
(H20)3Fe0H2+ + HN3 = (H20)^FeN32+ + H2O (75) 
where is the acid dissociation constant for HN3. 
If Eq 75 is correct, then the measured rate constant is 
^2f = For hydrazolc acid, is 7xlO""^M (31) and for 
aquoiron(III), is 1.65x10^3# (45). The rate constant 
calculated for the reaction of Fe3+ and N3" (kyi^.) is 1.4x10^ 
M~^sec"^, and that calculated for the reaction FeOH^"*" + HN3 
(ky^) is 6.1x1O3 M'^sec"^. These formulations are not 
131 
kinetically distinguishable, since the acid dissociation 
reactions of iron(III) and hydrazolc acid are quite fast. 
Seewald and Sutln (31) noted the similarity of rate con­
stants for reactions analogous to Eq 75 for a series of iron 
(III) complexes where the ambiguity connected with the role 
of hydrogen does not exist (i.e., the reactions of Pe^* with 
CI", Br", NCS", HP, and HN^); values of k all lie in the 
range 2.0 (for Br") to 127 W^sec""^ (for NCS"). Moreover, 
these rate constants are substantially lower than those found 
for processes analogous to reaction 7^. again considering 
unambiguous reactions (i.e., the reactions of PeOH^"*" with CI", 
Br", NCS", and SO^^"). The second-order rate constants for 
the latter reactions lie in the range 10^-3x10^ M"lsec"'l. 
These two groups of rate constants presumably represent sub­
stitution on Fe(H20)3+ and on (H2O) ^FeOH^"*", respectively (31). 
The calculated value for Pe^* + N^~ lies outside the range of 
values for other substitution reactions of Pe^"*" by a factor of 
> 10^, whereas the value for FeOH^"*" + HN^ gives a value close 
to the range observed for substitution on PeOH^"*". Seewald and 
Sutln (31) concluded then, that Eq 75 is probably the correct 
formulation. On the basis of this reasonable conclusion, the 
rate determining feature of Eq 73 can be viewed as elimination 
of water in the outer-sphere complex (H2O) ^PeOH-HN^^'*'., 
The data on iron(III) substitution rates obtained In 
this work provide better values for the ligands and Br" 
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than were used by Seewald and Sutln (31)f and also provide 
previously unreported rate data for the llgand NCO"". These 
data can be used to extend the reactivity comparisons pre­
sented by oeewald and Sutin (31). The measured equilibrium 
and rate data for formation of FeNCO^'*' were obtained at 1.6°. 
The calculated value of the second-order formation rate 
constant assuming the mechanism involves reaction of Fe^^ 
and ?]C0~ Is 2. ] X1 0 ^ m t 1.6°. Tho vol urn is p.stlmatod 
to be 4x10^^ M^^sec"^ at 2$°, using the activation enthalpy 
for FE^^ + NCD", 20.2 kcal/mole (40). This value lies con­
siderably outside the range of rate constants, 2-127 W^sec"!, 
noted for other substitutions on Fe^*. Using the alternate 
formulation, the second-order rate constant for FeOH^"*" + HNCO 
is 1.6x10^ at 1.6°. The value is estimated to be 1,9x10^ 
M~^sec"^ at 25°, using the activation enthalpy for FeOK^"^ + 
HNKN, 16.7 kcal/mole. (The value I6.7 is the sum AH2^q + 
AH°, obtained from Table 3 and the report of Wallace and 
Dukes (32) respectively.) The value 1.9x10^ lies within the 
range of rate constants 2x10^ - 3x10^ noted for substitution 
on FeUi!^'*'. 
The revised and extended series of calculations are 
shown In Table 48. The results support the previous conclu­
sions (31). It is concluded that all the basic anions, 
, F", and NCO", probably substitute on 
iron(III) in the acid independent step by the method sug-
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Table 48. Rate constants for formation of PeL2+ complexes 
at 250 
L k, M-^sec-l k, M-^sec-l Ref 
Pe3++ L PeOH2++ L 
ci- 1.1x10^ 31,48 
Br~ 2.0 1.9X1O3 This work 
KCb- 127 1.0x10^ 31.40 
(6.4xlo3)* 3x10^ 31,65 
(1.4x10))" 31,65 
P- (5.0xl03)* 31,56 
HF 11.4 (3.1x103)* 31,56 
N3- (1.4x10^)^ This work 
HN3 2.6 (6.1xlo3)* This work 
MCO- (4xlO^)&'b This work 
HNCO (1.9x10^)*' b This work 
^•Calculated values, using measured rate constants and 
acid dissociation constants, 
^Corrected to 25°; the correction is described in the 
text. 
gested by Seewald and Sutin (31). This method involves reac­
tion of the protonated anion, HX, with hydroxolron(III). 
8romoiron(III) 
The equilibrium and rate parameters found in this study 
for substitution of Br" on Pe(III) are markedly different 
from those reported previously (36,37). The equilibrium data 
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of Lister and Rlvlngton (36) agree with data obtained under 
similar conditions In this study, but the earlier data (36) 
were treated In terms of a single complex. The earlier v^.lue 
(36), Qqp = 0.61 at 25°, 1.2M Ionic strength was actually 
the sum and can be compared with the sum = 
0.37 measured in this study at 25°. 
The kinetic parameters for Eq 55 actually measured by 
Matthias and Wendt (37) at 22 + 2°, I.7M ionic strength, were 
aquation rate constants, since the concentration of PeBr^"*" 
formed was quite small relative to the reactant concentra­
tions, However, these workers presented their results In 
terms of formation rate constants (kf = ) » Since they 
(37) used the value Qgp = 0,625 M"^, (from the reports of 
Lister and Rlvlngton (36) and Rablnowltch and Stockmayer (35)) 
their results are necessarily Incorrect, The values k^ = 
(20 + 3l/[H^]) M~^sec"^ reported by Matthles and Wendt (37). 
together with the value of Qgj, used In their computations 
permits calculation of their observed aquation rate, k^q = 
(32 + 50/[(^^]) sec"^. This expression leads to k^^ = 82 sec"^ 
in 1,0 M H"*" at 22 + 2°, 1,7M ionic strength, which Is not 
inconsistent with the values 55.6 and 10,7 sec"^ in 1,0 MH^, 
l.OM ionic strength, measured in this study at 15.8 and 1,6°, 
respectively. Thus, consideration of the outer sphere com­
plex of ion pair Fe^'^«Br" apparently removes the discrepan­
cies between this work and the earlier reports (36,37). 
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Iron(III) Reduction 
Discussion of Iron(III) reductions will be concerned 
with several questions. The question of what reaction path­
ways are followed, both in the absence and in the presence of 
complexlng anions, will be considered. The form of the rate 
laws describing the several paths will be considered, in 
order to learn the compositions of the activated complexes* 
Questions concerning the atruetures of the activated complex 
will be discussed, first in terms of the direct evidence 
available from identification of the products of Cr^"^ reduc­
tions, and then in terms of indirect evidence available for 
the Su2+ reductions. The Marcus relation (1,23) will be used 
to estimate the rate constant for electron exchange between 
Eu(II) and Su(III), Finally, the rate patterns for a series 
of oxidation-reduction reactions will be considered in an 
attempt to understand the influence of ligands X" on the 
rates of reduction of the metal complexes MX . 
Iron(III) Reductions In Perchlorate Solution 
Mechanism of aquoiron(III) reduction by europlum(II) 
The rate equation found for the reaction of Pe^"*" and 
Eu^"*" in acidic aqueous solution consists of two terms (see 
Eq 21) suggesting a mechanism Involving two parallel reaction 
paths. However, the question of whether the term is an 
actual reaction pathway should be considered. It has been 
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noted several times (9,66-71) that medium effects can intro­
duce rate law terms that do not correspond to reaction path­
ways, even at constant ionic strength. In the Eu(II)-Fe(III) 
reaction, the rate term k2[Pe3+][Eu^*][H^]"l carries most of 
the reaction, although at [H^] = l.OOM at 1.6°, the term 
ki[Pe3+][Eu^'*"] accounts for 60% of the observed rate. If the 
k% term represents an activity effect only, then the effect 
can be accounted for empirically by a Harned-type correction 
factor (72), The observed rate constant k' can be represented 
as the product of an intrinsic rate constant and a correc­
tion factor, according to Eq 76, For small values of [H^], 
k* = k2[H*]"l exp(B[H+]) (76) 
Eq 76 becomes Eq 77. According to this model the rate term 
k' = k%[H+]"l  (1+3[h+] ) = k%[H+]"l  + k° (77) 
In Eq 21 is solely a medium effect. The data given in Table 8 
were fitted to this functional relationship, assuming k^ 
obeyed the Eyring relation (Eq 9) and that 3 = P® (1+aT) where 
a is a temperature coefficient and T is the temperature in °C, 
Values of the constants which best reproduce the data are 
k^ = (HT/Nh)exp[(0.7±1.4)/R - (12000+^00)/RT] and P = (O.96 + 
0.10)[l-(0.027+0.005)t3. The data in Table 8 were reproduced 
with a mean deviation of 8.0%, compared to 8.6# based on the 
two-term model of Eq 21. The two models fit the data about 
equally well and predict the same functional dependence of 
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rate on [H^]. The value of the Earned factor P Is, however, 
abnormally large (66,70,71). (A reasonable value of P would 
be 0,1, not 1 (66)), It Is concluded that medium effects are 
not the sole contributors to the rate effect, and that the 
term in Eq 21 almost certainly represents a genuine pathway. 
The ki term may include a contribution from medium effects, 
but this contribution cannot be resolved at present, 
Since the rate terms in Eq 21 are believed to represent 
Independent reaction paths, parallel activation processes are 
postulated. Net activation processes consistent with the 
kinetics are described in Eqs 78 and 79- The first of these 
Pe(H20)63+ + Eu^q2+ = [PeEu(H20)m5+] (78) 
Fe(H20)53+ + Eu^q^^ = [FeEu(H20)j^0H^] +H+ (79) 
reactions is most simply accounted for by the elementary step 
Involving direct reaction between Fe3+ and Eu2+. Several 
possible sequences of elementary reactions could account for 
the second of these reactions. The sequence considered most 
plausible Involves formation of hydroxolron(III) ion in a 
labile equilibrium, with reaction between Eu^* and PeOH^*, 
according to Eqs 80 and 81. The empirical rate constant k2 
Fe(H20)53+ ;± (H20)5FeOH2+ + H+ (rapid, Q^) (80) 
(H2O)^FeGH^"*" + Eu2+ - (rate determining, kpgon) (#1) 
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was defined In terms of concentrations of species predominant 
under the conditions of the experiments. In terms of the 
sequence Eqs 80 and 81, kpgOH can be calculated from the rela­
tion kpgQfj = kg/Qa' Mllburn (45) gives values for Q* as a 
function of temperature at l.OOM ionic strength. Activation 
parameters for can be calculated from the relations 
AHpgoj^ = AH2 - AH°, and ASp^gy = AS2 - AS°, where the sub­
script 2 refers to the empirically measured rate constant k2 
and the subscript a refers to the acid dissociation described 
in Eq Bo. Values and activation parameters for kpeOH are 
given in Table 4-9. 
Table 49. Calculated values and activation parameters for 
kpeOH for the reduction of PeOH2+ by Eu2+ at l.OOM 
ionic strength 
Quantity 1— Temperature-—, AH^ or AH° or A3° 
1.6" 15.8° 25.0° kcal/mole eu 
10-3k2, sec-1 2.28 7.16 14.2 12.2+0.5 1.3+1.8 
10^Qa. M 0.381 0.954 1.65 10.2+0.3 21.5+1 
10~^kpgOH' 6.0 7.5 8.6 2.0+0.8 -20+3 1—1 1 0
 
0) CO 1
—
1 k
 
Mechanism of the reduction of aquolron(III) by chromium(II) 
The reaction between Pe^* and Cr^* was studied in detail 
by Dulz and Sutin (I6), at 25° and l.OOM ionic strength, mf.in 
talned with MaClOij,, These workers reported a two term rate 
law (Eq 25) exactly analogous to that found in this study for 
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the reaction between Fe3+ and Eu^"^, The work of Dulz and 
Sutln (16) was extended In this study to Include the temper­
atures 1.6 and 15.8° as well as 2$°. Lithium perchlorate was 
used to maintain ionic strength In this study; the results 
were Interpreted in terms of the rate law reported by Dulz 
and Sutin (I6). The evidence that the term In Eq 25 
corresponds to a true reaction pathway is weaker than it was 
for the Pe3+-Eu2+ reaction. The k]_ term represents 23'^ of the 
observed rate at 1,6°, l.OOM H"*" for the Cr^^ reaction,, as com­
pared to 60% for the Eu^* reaction; the k]^ term represents 
29^ of the observed rate at 25°, l.OOM H"*" from the work of 
Dulz and Sutin (I6) using Na"*" media, but only 7% under the 
same conditions in this study, using Li"*" media. Neverthe­
less, by analogy with the Eu^» reaction, at least part of the 
k]^ term in Eq 25 is assumed to arise from a reaction pathway, 
leading to a mechanistic interpretation identical In form to 
that for the Pe3*-Eu2+ reaction (and also identical to that 
proposed by Dulz and Sutin (I6)). Values for kp^o^ and the 
associated activation parameters are presented in Table 50. 
Table 50. Calculated values and activation parameters for 
kpeOH for the reduction of PeOH2+ by Cr2+ at l.OOM 
ionic strength 
Quantity ' Temperature , AH+ or A3* or AS° 
1.6° 15*8° 25.0° kcal/mole eu 
10-3k2,sec-l 0.804 3.21 7.33 14.8 + 0.3 8.8 + 0.9 
lO^Qa, M 0,381 0.954 1.65 10.2 + 0.3 21.5 ± 1 
10-^kpeOH. 2.1 3.4 4.4 4.6 + 0.6 -13 ± 2 
M-lsec"! 
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Reduction of Iron(III) In the Presence of Complexlng Anions 
Mechanisms of chromlum(II) reductions 
The formation of CrX^* as the chromium product In Cr^"*" 
reductions of Pex2+, and the form of the rate expression, 
-d[Pex2+]/dt = kFex[FG%^*][Cr^*]' Prove the net activation 
process Is that described In Eq 82, where X occupies the 
(H20)^PeX2++ CrtHpCO^Z* = [ (H2O) ^CrXFeC H20)5^] +H2O (82) 
inner coordination sphere of both metal Ions, The formation 
of CrX^^ was verified In this study for the anions F" and Br". 
The formation of CrX^* has previously been verified (I6) for 
Cl~; formation of CrSCN^^ (or possibly a mixture of CrSCN^^ 
and CrNCS^"*") has been reported (52)^. 
The Interpretation of the reactions involving cyanate, 
iron(III), and chromlum(II) requires qualification; the 
product of the reaction between Iron(III) and HNCO was not 
clearly Identified, and neither was the product of the reac­
tion between Cr(II) and the iron(III) complex. The evidence 
relating to the iron(III)-cyanate reaction will be discussed, 
followed by speculation concerning the possible products of 
the Cr(II)-lron(III) complex reaction. 
The evidence relating to the cyanate reactions consists 
of some cobalt(III)-cyanate measurements by Sargeson and 
Taube (73)1 and rate and spectral data obtained in this study. 
^N. Sutin, Upton, New York. Isomeric thlocyanatochrom-
ium(III) species. Private communication, 1967. 
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The lron(III)-cyanate reaction Is postulated to be a sub­
stitution reaction, as shown in Eq 38, but Sargeson and Taube 
(73) found the cobalt(III) reactions described by Eqs 83 and 
84, where en represents ethylenediamine and where @ represents 
0 
(NHjijCoGHg]* + NCO" = (NH3 ) 5CofiC-NH2^'*' (83) 
0 
cls-(en)?Co(@H9)93+ + NCO" = (en)2Go('^NH2^"^'t- HgO (84) 
water labeled with 0^®. Reactions 83 and 84 occurred in basic 
solution; net reaction 84 occurred in a stepwise manner, with 
addition to one water molecule, followed by displacement of 
the other in a chelation step. Both reactions were followed 
by hydrolysis, in solutions that were neutral before addition 
of NCO", to form carbonatocobalt(III) species. The half-time 
for water exchange with cis-(en)2Co(OH2)2^'*' was 25 minutes, 
while the half-time for formation of the carbonato complex, 
after addition of NCO" was only 14 minutes (73)• The substi­
tution Inertness of Co(III) is probably the cause for reaction 
83 and the first step of reaction 84 being preferred over an 
actual substitution. Substitution on iron occurs much more 
rapidly however; the value of the rate constant calculated 
for substitution of HNCO on FeOH^"*", shown in Table 48, is 
consistent with the lron(III)-cyanate reaction being an actual 
substitution reaction. Even if HNCO does form a complex 
directly with Fe(III), it could be proposed that carbamate 
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is formed nevertheless, after the substitution. That proposal 
does not seem likely In view of the high rate of aquation of 
Iron(III) complexes relative to the rate of carbamate forma­
tion noted by Sargeson and Taube (73)• The visible absorption 
peak for the product of the lron(III)-cyanate reaction, at 
about 3400A, with e about 2000 M"^cm"^ Is consistent with a 
pseudohalolron(III) complex. 
The following paragraph Is presented as a possible 
explanation for the behavior of the chromlum(III) product 
of the reaction between PeNCO^^ and Cr(II). 
The initial product is probably CrOCN^"*" and possibly also 
contains CrNCo2+, by analogy with the similar PeNCS^"*" reduc­
tion (13) and from the observation that the product has a 2+ 
charge. This study did not definitely establish however, that 
the Cr(III) product even contains the cyanate ion. The spec­
tral changes that the freshly separated (from 3+ ions) chrom-
lum(III) product exhibited could be due to carbamate formation 
by 0-bonded cyanate to give a chelate like the product of Eq 
84, The chelate would have to be protonated to account for 
the 3+ charge observed for the complex. Finally, the very 
slow spectral changes that the Cr(III) product was still 
exhibiting after a week could be caused by aquation or hydrol­
ysis of the chelate; Sargeson and Taube (73) noted that aqua­
tion of the monodentate cobalt(III) product of Eq 83 was only 
half complete in about 10 hours in 1.0 MH^ at 25°, The entire 
1^3 
reaction scheme that has been described Is presented In the 
following diagram, where no evidence was obtained for the two 
Isomeric cyanatochromlum(III) species or for their Intercon­
version by Cr2+, 
FeOH^+ + HNCO FeNCO 
CrOCN2+ CrNCO 
CrOgCNHj Cr3+ + CO2 + NH4+ 
E+ 
Cr3+ + CO2 + Nh^ 
The formation of CrX2+ in reductions of Fe(III) by the 
anion path (see Table 12) and the form of the rate expression, 
d[CrX2+]/dt = kx[Fe3+][Cr2+][X-] do not constitute sufficient 
evidence to establish all the details of the atomic configur­
ations during the reactions. These facts do establish the 
composition (exclusive of solvent molecules) and charge of 
the activated complex (FeCrX^), and that X" is coordinated 
to Cr(II) In the activated complex. The additional fact -
that Fe(III) is not sufficiently labile for X" to enter its 
inner coordination sphere during the time of the oxidation-
reduction reaction establishes that X" Is not coordinated to 
Fe(III) in the activated complex. Several activation reac­
tions are consistent with the above observations, and are 
listed in Eqs 85 through 89. None of these reactions are 
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CrXXHgO)^* + Fe(H20)63+ = [(H20)4XCr(H20)Pe(H20)j4+] 
+ H2O 
Cr(K20)5^+ 4. Pe(H20)63+!X- = [(H20)ipCCr(H20)Pe(H2Q)5^+] 
+ 2H2O 
Cr(H20)62+ + Fe(H20)63+.X"" = [CrX(H20)5'Pe(H20)6^] 
+ H9O 
Cr(H20)62+'X- + Pe(H20)/3+ -t [(M-CO^XCrfHzCOFefHgO)^^»] 
( 88 ) 
+ 2H2O 
Cr(K20)62+.X- + Fe(H20)63+ = [CrX(H20)3'Fe(H20)6^] (89) 
+ H2O 
distinguishable from the others; Eq 90 states all the known 
Information unambiguously, 
Cr(H20)62+ + X^q + PetHaGOa^* = [FeCrX(H20)n^] + mHgO (90) 
The transition states for the two anion catalyzed paths 
(see Table 12) have different structures, but the same charge 
and the same composition (disregarding the unknown number of 
solvent molecules); they are Isomeric. The anion path was 
not of measurable Importance for fluoride Ion; In acidic 
solution the concentration of F~ Is negligibly small. Exper­
iments were not performed to search for the anion path 
Involving or NCO". The nearly complete protonation of 
P~f N^" and NCO" In acid solution probably prevents their 
(85) 
(86 )  
(87) 
145 
participation in a measurable anion reaction, even though the 
specific kjf rate constants could be large. The possibility 
of catalysis by the protonated anion, to give a rate constant 
probably has no precedent; rate terms for similar reac­
tions containing the factor kyx/[H'^] have been found (9), but 
the empirically identical factor kp[F"] Is preferred (9). 
Mechanisms of europlum(II) reductions 
The immediate Eu(III) product of the anion catalyzed 
Eu(II) reduction of Fe(III) is not identifiable, owing to the 
lability of Eu(IIl). The rate of reduction of FeX^"*" by Eu^"*" 
is of the form kpg%[Pex2^][Eu2+] (the same form observed for 
the Cr2+ reductions). The Eu^* reductions appear to be inner 
sphere and X-brldged, on the basis of the rate patterns shown 
in Table 51. The general observation has been made that 
inner sphere, bridged electron transfer reactions proceed at 
rates very dependent on the identity of the bridge (1), 
Particularly, azide-brldged reactions normally proceed much 
faster than thlocyanate-brldged reactions; an exception is 
the Inner sphere, anlon-bridged oxidation of Co(CN)^3" by 
CO(NH2) and Co(NH-j) in which the bridged 
reaction is faster by a factor of less than 2 (15). These 
reactions have an unusual feature however, in that the sulfur-
bonded form is the stable isomer for Co(CN)^SCn3~ (74) while 
the nitrogen-bonded form is the stable Isomer for Co(NH|^)^-
(74), permitting stable configurations for thlocyanate 
Table 51. A summary of rate parameters for reduction of Fe(III) by Eu(II) and 
Cr(II) in the presence of various anions at 1.6^\ l.OOM Ionic 
strength 
Iden­
tity 
of X 
Eu 2+ /-i_2+ 
kx 
K-^sec" 
loSkpex 
^ M-lsec-l kcal/mole 
AS+ 
eu 
kx 
-2 -1 
M sec 
lO^kpeX 
AH* 
kcal/mole 
A6* 
eu 
H2O 0.034 3.5 -29 0.0025 5 -30 
OH" 60 2.0 -20 21 4.6 -13 
Br~ 5400 14 5.3 -11 3900 >200 
CI" 6200 20 2400* 17 
F" <3x106 190 3 
NCS- 3.1 4.4 -18 200 
NCO" 16 4.2 2.9 -22 
N3- 120 200 
a 
= AHsr 
Estimated 
for the 
from the data 
Eu(II)-Fe(III) 
of Dulz and 
reaction. 
Sutln (16), usIn g AHJi = 14 kcal/mole 
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at both ends of the [(CNl^Co-SCN-CoCNH^)^"] activated com­
plex for electron transfer. The reactions observed in this 
study probably cannot attain the stability described above 
for thiocyanate bridging because the nitrogen-bonded form is 
stable both for Fe(III) (13,75) and Cr(III) (74) complexes, 
and probably also for Eu(III) complexes. 
In contrast to the rate dependence on the identity of 
bridging ligands shown by inner sphere reactions, a smaller 
rate dependence on the identity of non-bridging ligands is 
shown by outer sphere reactions (1), . Particularly, the effect 
of azide as a llgand is normally not much different than the 
effect of thiocyanate on similar reactions that occur by 
outer sphere mechanisms. 
Rate comparisons among aquo, hydroxo, and chlorometal 
Ions may also be diagnostic of mechanism (6,16,21,75); large 
rate enhancement over water-bridging is often caused by 
hydroxide and chloride-bridging. The specific rate patterns 
noted for H^O, OH", Cl~, N3", and MCS" ligands are presented 
pi 
in Table 52. The similarities noted between the Eu rate 
P + pattern and that for the inner sphere reducing agents Cr^ and 
Fe^"*" are taken as evidence that the Eu2+ reactions also occur 
by inner sphere mechanisms. Specifically, Eu^"*" and the other 
inner sphere reducing agents show large rate enhancements due 
to OH" and Cl~ in contrast to the outer sphere reducing agent 
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V^"*" reactions, where N3"* has a smaller effect (or about the 
same effect) than NCS" does. 
Table 52. Relative reactivities^ of dipositive metal ion 
reducing agents toward iron(III) complexes 
Iron(IIl) ' kpe(III)/kpe(H20)63+ ' 
complex « Reducing agent, mechanism , 
Cr^*,inner outer Pe^*,inner Eu^* 
Pe(H20)63+ 1.0 1.0 1.0 1.0 
(H20)$FeOH2+ 7.8x10^ <22 8.2x10% 1.8X103 
(H20)^FeCl^"^ lxlo3 26 <3.8 5.1x10% 
(H20)5PeNC3— >8x10^ 3^b 13 9.1x10% 
(H20)5PeN32+ >8x10^ 29® 3.1X1O3 3.5X1O3 
References 16, This 
work 
6 19.26,33. 
75.76,77 
This work 
^•Relative rates at l.OOM ionic strength and 25° for all 
the reducing agents except Eu2+ at 1.6°, and Pe2+ at 20°. 
^lonic strength 0.5M. 
Clonic strength 0.55M. 
Less direct evidence is available concerning the structure 
of the activated complex for the anion catalyzed reduction of 
Pe3+ by Ëu(II) than for the similar Cr(II) reduction; the 
Eu(III) product is labile, so that identification of the 
immediate Eu(III) product is not possible. Equation 91. where 
2Uaq2+ + X" + Fe(H20)53+ - [PeEuX(H20)n^+] +m(H20) (91) 
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X" Is not coordinated to Pe(III) and might or might not be 
coordinated to Su(II), describes formation of the activated 
complex. 
Electron exchange between Eu(II) and Eu(III) 
Only an upper limit has been established for the Eu(II)-
Eu(III) electron exchange reaction in perchlorate media* The 
value kg^ < 3x10"^ at 25° can be calculated from the work of 
Meier and Garner (16), in mixed Cl°-C10i^" media, A value that 
is possibly better can now be calculated, using the theory of 
Marcus (29). This theory was derived for outer sphere elec­
tron transfer reactions, but Sutln and co-workers (1,1?) liave 
demonstrated that many inner sphere rate constants are also 
predicted with moderate accuracy. Equation 92 would normally 
be used for calculating ki2' the rate constant for electron 
ki2 = (kllk22Kl2fl* (92) 
transfer between two metal ions, where kn and k22 are the 
rate constants for electron exchange for the two metals, Kj-g 
is the equilibrium constant for the electron transfer reaction; 
f Is defined by Eq 93. where Z is the collision frequency of 
log f = *12) ^  (93) 
4 log(k2^^k22/z ) 
two uncharged molecules in solution, and is taken as 10^^ W"^ 
sec"l (17). The electron exchange and electron transfer reac­
tions are of the form shown in Eqs 94 through 96. 
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Ml3+ + Mi2+ = Mi2+ + Ml3+ (kii) (94) 
N23+ + «#2+ = M22+ + Mgj* (k22) (95) 
Mi3+ + ^ 2^+ = Mi2+ + Mo?* (ki?) (96) 
Though a rate constant for electron transfer between two 
different metals has traditionally been calculated from Eq 92, 
for comparison to the observed rate constant, such a calcula­
tion is made impossible for the Eu(II)-Pe(III) reaction by the 
lack of Ku(II)-Eu(III) exchange data. The electron exchange 
rate constant for the Eu(II)-Eu(lII) system can be calculated 
from the same equation however using the ki2 values for the 
Eu^"*" reductions of Cr3+ and v3+ as well as Pe^*, The calcula­
tions are presented in Table 53» Values for ki2 were calcu­
lated from the data presented by Latimer (79). The k22 
Table 53. Calculation of the electron exchange rate constant 
for the Eu(II)-Eu(III) system in perchlorate media 
at 250 
Ki Vi2 k22 kl2 kll 
M-lsec-1 M-lsec"! M-lsec-1 
Eu Fe 4.2% 6l4ob 9x10-11 
Eu Cr <2x10-5^ <1.7x10-5^ <7x10-6 
Eu V 1.0x10-2® 9.0x10-3^ 1x10-3 
^Reference 19. 
^Measured in this work. 
^Reference 78. 
Reference 10. 
^Reference 30. 
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values reported for Fe and V are those for the acid indepen­
dent path only; the value for Cr Is probably a composite, 
measured in 0,5M The calculated kn values, at least 
those derived from the Fe and V systems, are for direct reac­
tion between Eu^^ and Eu^*, rather than between hydrolyzed 
species, Meier and Garner (18) found no evidence for hydro­
lyzed species in the chloride catalyzed Eu(II)-Eu(III) 
exchange. The calculated exchange rates listed In Table 53 
vary widely; the calculations probably do not add materially 
to knowledge of the Eu(II)-Eu(III) exchange, except to con­
firm that the exchange is very slow. 
Rate trends 
The rate constants for reduction of pentaammlnehalocobalt 
complexes by Cr^* have been shown (80) to follow the normal 
order (l,8o) (fluoride-bridged reactions are the slowest of 
the halide complexes) while the corresponding Eu^+ reductions 
follow the inverted order (14). Similar trends have been 
observed in this study for reduction of pentaaquohalolron(III) 
complexes, but different trends have been observed in other 
systems, as shown by the data In Table $4. The trends de­
scribed in Table 5^ doubtlessly result from a host of influ­
ences, most of them probably related to the reorganization of 
llgands and solvent molecules that is required for formation 
of the activated complex. Some factors in the reorganization 
are as follows; (1) P" complexes are expected to be smaller 
Table 5^. Hate trends for the reduction of halometaKIII) complexes. The order 
is denoted N for normal (fluoride slowest) or I for Inverted 
Reducing 
agent 
Mechanism 
Crx2+ 
Oxidizing 
(#H2)cCrx2+ 
agent, reference 
(NHg)2Cox2+ Pex2+ 
V2+ outer M (14) 
Cr2+ inner N (81) N (82) N (80) N, this work 
Eu2+ inner(?) N (4) I (14) I, this work 
Cu+ unknown 
Pe2+ inner I (12) I (19,83) 
Co(CN)c3- inner N (15) 
RU(NH3)62+ outer N (21) 
^0. J. Parker, G. Antos, and J. H. Espenson, Ames, lovia» Reduction of 
halochromium(III) by vanadium(II). Private communication. I968. 
^0. J. Parker and J. H. Espenson, Ames, Iowa. Reduction of cobalt(III) 
complexes by copper(I). Private communication. I968. 
153 
and more rigid and thus more difficult to perturb, (2) reac­
tions with small negative free energy change require more 
reorganization energy than those with a large negative change, 
(3) lengthening of the M(III)-X bond probably requires signif­
icant energy, and (4) shortening of the X-M(II) bond is 
probably also significant. These (and possibly other) con­
flicting influences seem to be delicately balanced, as indi­
cated by the non-systematic reversals in the trends listed in 
Table However, comparlsoii of the reducing agents 
and Su^^ does seem to indicate that factor (3) above is more 
important for Cr2+ than for Eu^**". This difference could be 
due to the differences in lability; the very labile Eu(III) 
product could be detached from X before significant lengthen­
ing of the M(II)-X bond in the product occurs. 
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APPENDIX A 
Computer Program for Calculating Concentrations of Reactants 
and Products as a Function of Time for the Reduction of 
Iron(III) by Chromlum(II) In the Presence of Bromide 
This program is patterned after that described by 
Espenson and Parker (84). The program solves the differ­
ential equations for the following reaction scheme, using 
the Hunge-Kutta iteration procedure. The symbols A, B, G, 
kl 
A + B :—" C 
^2 
C + P ^ D + H 
kij, 
B + A + F » D + H 
B + F ^ G + H 
F, G, H, and D denote the species Br", Fe^"*", FeBr2+, Cr^"*", 
Cr3+, Fe2+, and CrBr2+, respectively. 
The Hunge-Kutta method of solving initial-value problems 
utilizes the differential equations to approximate concentra­
tion changes over a small interval of time, At (85). If the 
interval is small enough, then X^+i = + (RK)At, y^^^ = 
+ (RJ)At, and + (RH)At, where X, Y, and Z are 
the changes in the concentrations of C, D, and G, respectively, 
and RK, RJ, and RH are the rates of change with respect to 
time of these concentrations. The subroutine RNKT calculates 
l6o 
four values for each of the variables RK, RJ, and RH; weighted 
averages of these variables are used to calculate the new con­
centration Increments, X, Y, and Z, 
The definitions of quantities that were read into the 
program as control information, or data, are given In Table 
55. 
Table 55. Definitions of control symbols and data symbols 
for the Runge-Kutta calculation 
Symbol Definition 
IPROB No entry for IPROB stops the program. 
NI NT Number of equal time intervals (<81) covered 
by the program. 
ITR Controls the number of times a time Interval 
can be subdivided to meet RKTEST. 
I TP If ITP = 0, iterations will not be printed. 
If ITP = 1, Iterations will be printed. 
TINT Number of time units in each time interval. 
RKTEST® Fraction that concentration of B is permitted to 
change in an interval without subdivision of the 
interval and recalculation. 
EA, EB,..' Molar absorbance for each species times optical 
path length. 
lA. IB,'.' Initial concentration of each species. 
Hi, Re»"* Known values of the five rate constants. 
^In preliminary calculations for a new system, the value 
of RKTEST should be progressively decreased until further 
decreases do not affect the results of the calculation. 
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The size of the time Interval (TINT) is not critical; 
the value of TINT is automatically divided by and then 
by 50, 60, 72, •••*, If necessary to meet RKTEST. The 
actual evaluation is done over the smaller intervals, but the 
printed values correspond to the Interval TINT. If the maxi­
mum subdivision permitted by ITR does not result in meeting 
RKTEST, the program will repeat the calculations, with the 
Iterations printed option in effect. 
A listing of the computer program is given on the next 
pages. 
Figure 17. Computer listing for Cr (II) + Fe(lII) reactions 
16 2b 
r ,  111! J S F - K U T T A  C A L C  F  O K  C R I  I I  I  R E D U C T I O N  O F  F E R R  
C  H I - ' -  *  F F 3 +  «  F F 0 R 2 <  R l  S E C  O R D E R ,  K 2  F I R S T  O R O E R  
C  F | ; H P , ? 4  •  •  C R I I R 2 4  *  F E 2 +  R 3  
C  < H P , -  +  C i ' . ? t  =  C R B R ? +  •  F E 2 +  R 4  
r  F Ç I t  +  C R 2 *  «  C i ' 3 4 -  +  F E 2 +  R 5  
C  l  =  i c ? - ,  I ' « F F 3  +  ,  C « F F B R 2 < - ,  F » C R 2 + ,  G - C R 3 + ,  H » F E 2 + , D = C R B R 2  +  
COMMIT Rl ,R2,R-},R't,R5iTA, rH,TC> TFtTOi TH( TD 
1 F()HMRTR(<.F6,^EU'./I 
; FniU'AT (6F12.7I 
lOCl FU'i^lAr ( IMA4I 
h IMC ".'•.ION A(HO) ,p. (SO) .CI flO) ,FI80),TITLEH9I .DENiaO) ,G(80) ,H(eO) ,01 
1 ' ; .? )  
}•> PFAU t 1,13011 I TITLE! I 1 , 1 = 1 , l«) 
.'Fac 11,11 IP'<MH,NINr, ITR, ITPMNT.I INT.RKTrST 
i t -  I  I  I ' U l . ' l '  I  t o o ,  I C O , 3 7  
3/ .TAI 11 ,?)tA,nn,FC,rFiCt.,nH,rn 
' F A D  1 1 , ? )  a i  , 1 1 1  , r  I  , F i  ,r,i ,Hi , n i  
i":An ii,2iRi,R,,ri,R4,".c. 
KKTcSr^P.KTPST»HI 
1(1)=A1 
rtllMHI 
01 1) =CI 
n n =n 
3111 = ,! HI II «IU 
III 11 =l'l 
' T N I  1  I  ' A l l  I  . C A U M  1  )  " F l i f r .  I  1  )  « C C  +  F I  I )  « E F  +  n i  1 )  . F l . t H l  1  I  • F H  +  n (  I  I  « 1 - 0  
I siMN^m 
II II Tr""n-l I W , 3M, 39 
3', WHin n,411(1 ,P2,R3,H'.,i'5,kKTFST 
4  f  C R ^ T . l  H H 1  ,  T f . ,  J l  F I i H ? »  - C R , " ! «  H  X N i l / ,  T 6  ,  S R  1 ,  R  2  ,  R  3  ,  R 4 ,  R  =  i ,  1  P  i i F  1  ?  .  • ; /  
I , Tf,, ,„RK I F SI = UJ , I'^ n 17.'. I 
I'L R.O 10 L'1,NIMT 
liU f s = 'y, I ri! 
lA.AII I 
hun I L I 
tC^CILI 
ir 'F III 
T -,%r, II 1 
r "=HIL I  
in^i/ii I 
I .  AI L  PNK t I , T ur I 
IF I III".>IT-ll2P,27,?n 
27 .mil H ,2^) IK ,T A, TR, ir , I F, TO, 1H,T0, L 
25 FHRMAf 1 lH.3, rr.iîK" «1, I  2/, T  b ,  Ô1C O N C  .  A R f  3 , 1P 7F 1 2.  Î) /  ,  T t ,  S A  f T P R  R N K U T A  
1 r.AlC, IMT. J. 121 
21' criiljll '=Ali'-. { I'iTCi: .l-Tlll 
IF IM)Mi;|l--iiKTFSI 113,13,14 
14 T ,  r r t . ' j - ^T i i  
7 r.ii ii 1.11)1 
I T | i " ^ l l  -  I  I I ' P N T - I  1  
I  r  1 1 1  i M  n  - 1 1  ( I ,  i M  , 1 '  
" W'J. 1 I ; ( 1, 1 or I I I I  I TLf-1 I I , 1 = I r I ". ) 
I  1  I  I  M 2 2 I . U  , I > ? , " 3 ,  " . , R ?  
122 I DHfAl lino, IA,aFnilR2t CK2t '<XN3/, T6 , ujR I » S 1PF 1'3 . 3/, I ft, ,DR 2-- 31PE10. 
ll/,U,j)iM-. JIPFIO. 3/,r6,,JR4« .ilPClO.3/, T6, JR5= Î1PE10.3I 
wpirr 13,1 y 11 rII 
1 5  I  i ; ( N i A u  I M C ,  T f t , , 3 N n  i ; n N v i ; ' ( r , r N c i -  I N  a i 2 , a  1  T E R A r  i i i N s a i  
"  u  t ,  n,22i( i : r o n i F  , R K i F s [  
Figure 17, (Continued) 
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77 FOKM4T(lHO(T6iïCûuOIl^ ANO RKfEST ARE SlPE12.3iS AND 3lFcl2.5) 
vmi TF I 3, lOIK, I iiTB.TCtTFtTG, rH.TD 
10 r0KMAT(lHOiT6,^K« 3I2/,T6,aTA. 31PE12.S/tT6,STB» S1PE12.5/,T6,3TC 
I» 21P!:i2.S/(T6,aTF- SIP61Z. 5/i T6i STG • ilPl: 12. 5/i To, STH • aiPE12.5 
l/,T6iaTD • aiPElZ.SI 
r,c TU 35 
;,3 A(L»n«TA 
iML + i)»rn 
ciL + n»rc 
F|L+1)"TF 
r, (L+1I'TG 
H(L* Dsrn 
niLiU'Tn 
OI:NIL+n"ML + l)»6A + BtL + ll^ER + C(L + 1)»EC + F(L+U*EF + GIL+U»EG 
I r I L T I ) "c M  ^ 0 ( L"' I ) "cD 1ft cum INUÊ 
17 KHITH I3,10CIIITITLEI 1),I-1,1P| 
W.irr- (3,122IR1 ,;1?,R3,R4,RS 
H^ITE l3,12 2Z)fcA,tB,HC,£F,EG,EH,EO 
1222 FUHf'AniH0iT6.?EA « ÎIPE10.3/1T6iSEB • SIPE10.3/|T6,3EC " SIPEIO.3 
l/,7A,aEF > aiPE10.3/,T4,aEG - aiPE10.3/,T6,aEH • aiPE10.3/iT6i8SO 
I* •51PFl'j.31 
WHITE I 3,241 
24 FORMAT (IHO, no, ÎTIMÛ B C F 
in H b ABS0RBANCE3) 
iEKU'C'.O 
KRITr (3,26);EPC,BI,r.l,Fr,r,!,HI,DI,DENI 1) 
2ft rORMATI IHOiT't, IP9E14.5) 
MINT'NINT+l 
00 19 L«2,MINT 
T I M C«t:N T*F I O A T  iL-11 
MRITC (3,2(>)TIME,BIL) ,CtL),FIL) ,G(L) iH(L),OIL),DEN(LI 
19 CCNTINUK 
r.n TO lb 
10(5 S TUP 
CNU 
Figure 1?. (Continued) 
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APPENDIX B 
. Computer Program for Calculating Concentrations of Reactants 
and Products as a Function of Time for the Reduction of 
Iron(III) by Europium(II) in the Presence of Bromide 
This program is similar to that described in Appendix A. 
The program solves the differential equations for the follow­
ing reaction scheme. The symbols A, B, C, F, G, and H 
kl 
A + B ; *' c 
^2 
k-i 
C + F —^ G + H + A 
kZj. 
3 + F G + H 
represent the species Br", Pe3+, FeBr2+, Eu2+, Eu3+, and 
Fe2+, respectively. 
Only two differential equations, with the variables X 
and Ï representing the change in concentration of C and G, 
respectively, were required for the calculations, because the 
products of both bromide paths (see Table 12) are the same. 
The rate constant kz^, is the composite k' + ksp[Br~]. A 
listing of the program is given on the next pages. 
Figure 18, Computer listing for Eu(II) + Pe(III) reactions 
l66b 
c TA SOLUTION rn FEBK ReoucrloN BY eutNON-sreAov-sTArg FEBR C JK- + RF1+ » FEBR7+ RL.SEC ORDER, R2> FIRST ORDER C KFIV«?+ + EU2+ « EU3+ + BR- + FE2+ R3 
C RF3» 1- •EU?+ « EU)* + FE2+ FT<» 
r.CMt'rN rtl ,l<?,R3,»«,TA,TB,rC,TF,TGiTH 
C A«BK-,rt:.rE.U,C-FEBR?4-,F»EU2 + ,r,»EU3+,H»Fe2+ 
1 i:C«^'4T(i,I6,2C17.7) 
? rORMAT(6Fl?,7) lOCl HJHMATI IMA4I 
A(aO) ,R(aO) ,C(SO) ,Ft80) iTITLE( 18) ,DEN(80) ,G{8Q) ,H{80) 
in «CAf (l,lOCl)(TITLr!n,I^lil8) 
r<Ç41) ( 1,1) IP'^CJH.MIVT. ITR, ITPRNT,TINT,RKTEST 
IF I IPRUh) 100,1"C,T7 
37 i<i:An 11 ,?iE4,ER,EC,EF,nr.,eH 
'.tAf; t 1 :?)A1 :IM ;(:! :F! =4! :H! 
'<r.AC ( I ,? IRl .rt2,R3,l". 
PKT 'Tsr . ^ i ' rESTte i  
A(11-AI 
1)1 11 'lU 
C ( 11 »C. I 
r(1)«ri 
r,( 1) =r,i 
nil) -l-i I 
l'CNI 1 ) 11 «IVJOI I r»EF+tl lltEC 
rSICl.N = iW 
IF 1ITPHJT-I)59,38,39 
38 HKITT ( IRl ,R2,R3,W4,RKTCST 
4 FOK^AK nil , r',,a)FEBR + ? -tll*2 KXNi)/, T6, UR 1, R 2 ,R 3 , AND R4 > 3, 1P4E12. 
l')/,r6,;j;%KTEST • al,lPE12.5) 
J9 (10 16 L-l.NINT 
n o  " /  ^  =  9 , 1  T P  
C TA IS rilF CljKRENT VALU'" H F ThE CUNCENTRAIIUN OF A, TO ETC. 
lAoAILI 
TMNUL I 
TC»C(L) ir.r II I 
TT.-, (L I 
rH'W t LI 
CALL l'.NKr(N,K,riNTI 
IF I 1 rpj.NT-l 120 ,27,28 
27 hRITC (3,2SIK,T4,T8,TC,TF,TG,rH,L 
2 9 FMKHAn lHa,Th,iK= 3 , I 2/, T6, ilCONC . ARE », 1 P6fc'12. 5 / , T6, DAF TER ANKUTA 
I CALC. INT. = J,t?) 
2P CCNDIF = A".SI rSTCTN- T P . )  
IF ICUUDlF-KKrEST113,13,14 
14 TSTCI,Pi«rii 
7 CU'NT INUC 
I TPira = I rpR-iT* 1 
It t )p, 38,1. 
kMI ir. I 1, 10 Jl ) (11 TLF t I ) , I-l , Ifl) 
W?Mr I },122)R1 ,R?,R3,lt'. 
122 rORMAri lH0,T(.,?FFnu.2+ tU2+ R)(N3/,T6,aRl« aiPElO. 3/, T6, iR2= IIPFIO 
1.3/, r^, JP.3. ,inPt"lC.3/,Tft,;jP4« aJlPC10.3l 
kRi rc n.isiiri' 
I'i roHi-iAT UHo, r'i,aNu coNVi.KorNCE IN AI2,a i rFRATiiJNsai 
KRIlf (3,22ICHNLIh.RKTEST 
2? FOHNATl IHO.TIS.ÏCONDIF Ann RKTFST ARE aiPE12.5,a AND Î1PE12.5I 
WPI I F I 3, 10)K ,TA,TB,TC,TF,Tr., FH 
10 roRMAI ( lHO,rt),aiK - ai2/iT6,arA • aiPE12.5/,T6,aTH • aiPE12.'j/,T6,î 
Figure 18, (Continued) 
167b 
ne = .:iPE12.5/, Io,3TF » 3lPEl?.5,/fT6,3TC - 31 Pcl2.5/, T6, STH - 81P 
IFIJ-SI 
no TO 3b 
13 nan )»T4 
Ua*ll»TH 
C(L*U»TC 
t-(L*ll = TF 
G(L<-1 l»Tr, 
H1L<-1I»TH 
OeN(L+l)"R(L + l)»eB+F(L + ll»EF + C<L>-n«EC 
C IINLY n,C.AND F ftRSORB 
16 CONTINUE 
17 WKITF (3,10011(TITLE(I 1 I 1-1,10) 
H'<N> ( I, 122IR! .R?,R3IP'F 
Wi<i rc ( 3, i3??)rA,FP,rr.,rF,Fr.,FH 
1222 f-niM-:AT I IHOi Tr.,afA» aiPl;l0.3/,T6,aEtJ « iaiPCl0.3/,T6,3EC« 3lPei0.3/i 
LTis.^rr ' aiPFUj,'*/,T(),:i)EC » iHPElo.3/,Tfc,aEH » SI^PEIO.?) 
MRIIE (3,241 
24 FURMAK 1H0,TI0,3TIME ABC 
IF G H ABSORBANCES) 
ZFKII'O.O 
WRIT? (3,26)£ERl],Al,Bl,r.l,FI,r,I,Hl,0ENtn 
2h rORMAT( lllOiT<i, lPHri4,5) 
••INI «NI NT+l 
nn 1') L«2,MINT 
TIM(-»TIfJT»FLl)AT(L-l) 
WRirr l3,2b)TlME,AtL),R(L),C(L),FIL),GlL)rHtL),DENlL) 
L<) CONTINUE I,n TU 19 
ICO STUP 
FNO 
SU'*Ri;tjriNE RNKTI.J.K.TINt) 
C IHIS SL/ITROUTINE HFFINCS INTERVALS AND SLOPES FOR RUNGC-KUTTA 
Pl^h -iSItlN A(BO) ,!?(f>0) ,C(80) ,F(80) ,T[TLE( 18) ,DFN( 30) ,G(80) iH(RO) 
COMM(.N R1 ,1(2 ,R3 ,R4, TA, T", TC ,TF, TO.TH 
K»W«\/2 
i'CLT = TI JT/FLIIAT (K) 
C O*/!;! IS RATC OR CHANGE OF FERR2 + 
r, ny/i>i is RARR OF CHANGE OF EACH PROD 
1)1] H K»1,K 
!(KI«PK(0.O,Cl.CI*OrLT/2.r 
PJl»RJ(0.0,0.0)»nELT/2.0 
.••IK^-RKI UKl ,RJ1 ) •0ELT/2.() 
oj2«riJ(RI<l,PJl)»0ELT/2.O 
:'.KJ<.HKIRK2,:»J2) "OELT 
P.J )»"J ( !(K2,:U? ) »nFL I 
i'K4=:r'K('<K3,RJ3) «DELI 
•!J4«MJ(RK3,RJ3) «nCLT 
*» ( 2 .0«l<Kl+4.Q»RK2 + 2.0»RK3 + RK4) /6.0 
r» (2 .C»HJl + 'i.0»RJ2«-?.O»RJ3-t RJ4) /6.0 T A = T A- X 
r i i ' Tn -x -Y  
TC'IC^X 
TFMF-Y 
IG'TIfY TH'TH+Y 
f  I .OMr iNUF 
prruHN 
» "in 
Figure 18, (Continued) 
l68b 
FUNCTIU<\ F.J(X,V) 
D I M E - J S I L N  4 ( N 0 )  ( B L F L O )  , C ( 8 Ù )  I F ( E O ) F T I T L E L  1 8 1 , 0 C N ( 8 0 )  T G ( 8 0 L  T H ( 8 0 )  
CI3mI',i:m f<l , R2,P3,i4,Ta,Tm,TC,TF,TG,TH 
U:»'- 1»( TC4X)»( TF-Y I+P',.( TR-X-Y) «(TF-Y) 
m; IU»N 
CMt; 
rilNCTIIIN HK1*,Y) 
â(HO) ,n(80l ,Ll8n) ,F(80) ,TITLE( 181 ,DEN(BO) ,Gt80) ,H(BO) 
COMMUN lU iH?.RS.«'..TA,TG,TCtTF,TG|TH 
KK»kl»l 1 '\-XIMTB-X-Y)-R2«(TC + X)-R3»tTC + X|t(TF-Y) 
I: MO 
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